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Iron and manganese oxides are ubiquitous in soils and sediments and play a critical role 
in the geochemical distribution of trace elements and heavy metals through adsorption and 
coprecipitation. At redox interfaces, biogeochemical processes generate conditions with 
coexisting dissolved Fe(II) and solid-phase Fe(III). In such systems, Fe(II) induces the 
recrystallization of iron oxides through coupled mineral growth and dissolution due to electron 
transfer as oxidative adsorption of Fe(II) and reductive dissolution of Fe(III) occur. Aqueous 
Mn(II) adsorption onto Mn(III/IV) oxides also likely involves oxidation although likely through 
different mechanisms than that of the Fe system because of the potential for Mn(II)-Mn(IV) 
comproportionation reactions. During reactions between reduced and oxidized forms of Fe and 
Mn, trace metals may be redistributed among the mineral bulk, mineral surface, and aqueous 
solution. Many metals, including Ni and Zn, are important micronutrients but are also toxic at 
higher concentrations. It is important to identify the processes controlling the fate and 
availability of trace metals in the environment and this requires understanding the behavior and 
stability of Fe and Mn oxides.  
xv 
 
Small organic acids, produced as root exudates or by decomposition of organic matter in 
aerated soils, may potentially alter reactions involving Fe and Mn oxide minerals and trace 
metals through a series of cooperative or competitive processes: solution complexation, ternary 
surface complexation, surface site competition, ligand-promoted dissolution, and reductive 
dissolution. The effects of organic acids on trace metal fate in such systems is unclear because 
these processes may involve both trace metals and Fe or Mn oxides, and multiple processes may 
co-occur. The main objective of this dissertation is to determine how organic acids interacting 
with Fe and Mn oxides affect structural transformations of these minerals, including dissolution 
and recrystallization, and the resulting impact on trace metals micronutrient and contaminant 
fate. Three main research projects were conducted to meet this objective. First, the cooperative 
and competitive interactions between oxalate and Ni during adsorption to Fe oxide minerals were 
identified. Next, the effects of oxalate on Ni incorporation into and release from Fe oxides at pH 
4 and 7 was investigated during Fe(II)-promoted recrystallization of these minerals. Finally, 
reductive transformations of layered Mn oxides by oxalate, citrate, and 4-hydroxybenzoate at pH 
4, 5.5, and 7 were characterized as well as the associated changes in Ni and Zn adsorption extent 
and mechanisms.  
 The addition of oxalate in macroscopic adsorption studies suppresses Ni uptake by 
goethite and hematite at pH 7. Aqueous speciation modelling indicates that this is dominantly the 
result of oxalate complexing and solubilizing Ni. Comparison of the Ni surface coverage to the 
concentration of free (uncomplexed) Ni2+ in solution suggests that oxalate also alters Ni 
adsorption affinity.  Extended X-ray absorption fine structure and attenuated total reflectance 
Fourier transform infrared spectroscopies indicate that these changes in binding affinity are due 
to the formation of Ni-oxalate ternary surface complexes. When Ni is initially structurally-
xvi 
 
incorporated into hematite and goethite, oxalate and dissolved Fe(II) each promote the release of 
Ni to aqueous solution at pH 4 and 7. With the co-addition of both species, the effects on Ni 
release are synergistic at pH 7 but inhibitory at pH 4. This suggests that cooperative and 
competitive interactions vary with pH. In contrast, oxalate suppresses Ni incorporation into 
goethite and hematite during Fe(II)-induced recrystallization.  
 Mn oxides may undergo redox and structural changes which can weaken trace metal 
binding and promote metal mobility. The conditions studied to date involve Mn(II) and are most 
similar to those found at redox interfaces which are limited in spatial extent in nature. Aging δ-
MnO2 and hexagonal birnessite in the presence of small organic acids was investigated using 
powder X-ray diffraction and X-ray absorption fine structure spectroscopic measurements. 
Organic acids caused partial Mn reduction but did not substantially alter the phyllomanganates 
sheet structure nor result in transformations to Mn(III) oxyhydroxides or mixed-valent minerals. 
All organic acids were fully consumed, producing solid-phase Mn(II) and Mn(III) as well as 
dissolved Mn(II), the latter favored under acidic pH conditions. Citrate caused the greatest 
reduction, with its oxidation products continuing to react and near-complete mineralization 
observed at pH 4. These redox reactions improved stacking of the phyllomanganate sheets for δ-
MnO2 at pH 7 and enhanced capping of vacancy sites by cations occurred for both minerals 
under all conditions studied. As a result of this mineral alteration, Ni and Zn adsorption 
behaviors were also modified. Net metal uptake did not change substantially at pH 7 where 
nearly all of the Ni and Zn in the system were adsorbed to the mineral surface. However, at pH 4, 
adsorption of Ni and Zn decreased in the presence of the organic acids. Ni adsorption 
mechanisms transitioned from binding above vacancy sites to at sheet edges in the presence of 
citrate and 4-hydroxybenzoate, while oxalate increased binding above and in vacancy sites; 
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citrate inhibited Ni incorporation into vacancies. Zn adsorption also transitioned to binding at 
weaker sites on the particle edges. The adsorption behaviors of Ni and Zn suggest that during 
reaction with organic acids, phyllomanganate mineral reactivities towards metals are altered by 
organic acids via a decrease in the vacancy content of Mn oxides.   
 This work improves our understanding of the effect of Fe and Mn oxides in soils and 
aquatic systems on micronutrient availability and heavy metals sequestration. Oxalate largely 
enhances trace metal mobility through multiple processes occurring in solution and on Fe oxide 
surfaces. Similarly, phyllomanganates structural changes in the presence of oxalic, citric, and 4-
hydroxybenzoate alter the reactivity of Mn oxides through Mn reduction and subtle structural 
changes. Overall, this dissertation demonstrates that complex interactions at Fe and Mn oxide 
surfaces with organic acids must be considered when evaluating micronutrient availability and 
contaminant sequestration in the environment. 
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Chapter 1 
Introduction 
 
1.1 BACKGROUND 
Iron and manganese oxides are ubiquitous in terrestrial and aquatic environments 
occurring as nodules, crusts, and coatings (Post, 1999; Schwertmann and Cornell, 2000; 
Manceau et al., 2003; Manceau et al., 2007; Bargar et al., 2009; Frierdich et al., 2011a; Vu et al., 
2013; Lagroix et al., 2016). Due to their large geographical distribution and chemical properties, 
Fe and Mn oxides play a critical role in the geochemical distribution of trace elements and heavy 
metals (Post, 1999; Brown and Parks, 2001; Waychunas et al., 2005; Drits et al., 2007; Frierdich 
et al., 2011a). These oxides may sequester macro- and micronutrients and contaminants in soils, 
lakes, streams impacted by mine drainage, marine environments, and caves through 
coprecipitation and adsorption to the mineral surface (Singh and Gilkes, 1992; Post, 1999; 
Brown and Parks, 2001; Manceau et al., 2002; Manceau et al., 2003; Hochella et al., 2005; Drits 
et al., 2007; Frierdich et al., 2011a).  
Fe oxides form through abiotic and microbial Fe(II) oxidation in oxic and anoxic 
environments (Millero, 1989; Emerson, 2000; Weber et al., 2006) while most naturally occurring 
Mn oxides form through microbial Mn oxidation (Nealson et al., 1988; Bargar et al., 2000) as 
Mn(II) oxidation by oxygen is kinetically limited (Morgan, 2005). Phyllomangates, such as 
birnessite and vernadite, dominate the biogenic Mn oxides found in nature (Post, 1999; Manceau 
et al., 2007). These minerals are commonly found as oceanic and freshwater precipitates (Tebo et  
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Figure 1.1: General characteristics of phyllomanganate octahedral sheets, which contain varying 
amounts of vacancy sites and with Mn(III) (purple) substituted for Mn(IV) (blue).  
 
al., 2004; Webb et al., 2005; Frierdich et al., 2011a) and at sites of acid mine drainage (Tebo et 
al., 2004). Birnessite and vernadite are comprised of layered MnO6 octahedral sheets with 
hydrated interlayers. The octahedral sheets have a net negative charge due to vacancy sites and 
Mn(III) substituted for Mn(IV) within the octahedral sheets, which is balanced via exchangeable 
cations in the interlayer (Villalobos et al., 2003; Bargar et al., 2005a; Toner et al., 2006; 
Manceau et al., 2007; Drits et al., 2007; Bargar et al., 2009). Birnessite and vernadite differ in the 
amount of Mn(III) and vacancy content (Figure 1.1). A range of Mn(III) substituted for Mn(IV) 
in naturally occurring phyllomanganates has been observed including an end-member biogenic 
vernadite precipitated in sea water with only Mn(IV) present in the mineral structure (Bargar et 
al., 2000; Tebo et al., 2004; Bargar et al., 2005a; Bargar et al., 2005b). This suggests that these 
highly reactive minerals may have similar but distinct properties in the environment.  
Fe and Mn oxides have high reactivity for metal sorption although multiple adsorption 
mechanisms may occur (Manceau et al., 1992a). Cations often bind to Mn oxides over a wide pH 
range, typically adsorbing over vacancies within the phyllomanganate mineral interlayer or on 
particle edges (Manceau et al., 1992b; Post, 1999; Manceau et al., 2002; Hinkle et al., 2017). Fe 
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oxides also have a strong affinity for metals but adsorption is often more dependent on pH than 
for Mn oxides due to the difference in their structures (McKenzie, 1980). Nickel, for example, 
readily binds to Fe oxides only at pH 7 and above (Coughlin and Stone, 1995; Brown and Parks, 
2001; Trivedi and Axe, 2001; Buerge-Weirich et al., 2002; Buerge-Weirich et al., 2003; Arai, 
2008) whereas this metal adsorbs to Mn oxides at much lower pH (Hinkle et al., 2017). Unlike 
other cations, adsorption of Fe(II) or Mn(II) on Fe and Mn oxide surfaces, respectively, have 
been shown to involve more complex interactions than simple surface adsorption processes as 
electron transfer may occur between the mineral and the adsorbate.  
 
1.2 Fe(II)-Fe(III) OXIDE RECRYSTALLIZATION 
In the presence of aqueous Fe(II), Fe oxide recrystallization occurs through simultaneous 
mineral growth and dissolution. This process involves coupled oxidative adsorption of Fe(II) and 
reduction of Fe(III) at a spatially separate surface site via electron transfer across the surface or 
through the mineral (Yanina and Rosso, 2008; Handler et al., 2009; Rosso et al., 2010; Latta et 
al., 2012a; Frierdich and Catalano, 2012). The reduced Fe ion at the mineral surface is released 
from the mineral and readsorbed elsewhere on the mineral surface resulting in recrystallization 
of the iron oxide (Suter et al., 1988; Handler et al., 2009; Rosso et al., 2010). Substantial 
recrystallization of Fe oxides may occur through this process with isotopic exchange studies 
showing that dissolved Fe(II) and goethite undergo almost complete isotopic mixing (Handler et 
al., 2009; Handler et al., 2014). However, the extent of recrystallization is dependent on the 
specific Fe oxide (Gorski et al., 2012; Frierdich et al., 2015) and concentration of Fe(II) in the 
system.  
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Fe oxides are rarely pure in natural environments; instead, they often contain trace metals 
in their structures (Singh and Gilkes, 1992; Latta et al., 2012a). During oxidative growth and 
reductive dissolution, trace metals may be incorporated into or released from the Fe oxide. 
Previous studies have examined how Fe(II)-Fe(III) oxide recrystallization affects trace metals 
incorporation and release but have been limited to systems considering the incorporated iron 
oxide and Fe(II) (Frierdich et al., 2011b; Latta et al., 2012a; Frierdich and Catalano, 2012). 
There is limited knowledge concerning the effects of ligands common to sediments or aquatic 
environments on Fe oxide recrystallization. Studies to date have considered the effect of 
oxyanions, specifically sulfate, phosphate, carbonate, and silicate as well as natural organic 
matter (Latta et al., 2012b; Hinkle and Catalano, 2015; Pasakarnis et al., 2015). The effects of 
common ligands on Fe oxide recrystallization varies and the impact on metal cycling is largely 
unknown. It is also suggested that in natural soils and sediments, organic matter adsorbed to the 
mineral surface may inhibit recrystallization, which should then alter metal availability (Latta et 
al., 2012a; Tishchenko et al., 2015). Therefore, to better understand the effect Fe(II) has on iron 
oxides ability to repartition trace elements in natural environments, it is vital to understand how 
other abiotic factors in soils or water may affect Fe(II)-promoted recrystallization and the fate of 
trace metals.   
 
1.3 Mn(II), Mn(III), AND Mn(IV) INTERACTIONS 
  While the mechanisms of Fe oxides recrystallization have been well studied, Mn oxide 
recrystallization is difficult to explore as Mn is monoisotopic and Mössbauer-inactive which 
prevents similar approaches as was used for the Fe recrystallization studies. Recent studies using 
a radioisotope of Mn (54Mn) or oxygen isotopes as a proxy for atom exchange have been 
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completed to try and understand Mn oxide recrystallization (Elzinga and Kustka, 2015; Frierdich 
et al., 2016). These studies have focused on conditions resulting in vernadite phase 
transformation to Mn(III) oxide (Elzinga and Kustka, 2015) or on manganite (γ-MnIIIOOH) 
(Frierdich et al., 2016). The extent of Mn(II)-promoted recrystallization of phyllomanganates, 
abundant layered Mn oxides in soils and aquatic systems, is unclear. More is known about the 
effect of dissolved Mn(II) on reductive transformation of Mn(III/IV) oxides to other Mn(III) or 
Mn(II/III) oxides, which occurs at high dissolved Mn(II) concentrations (Bargar et al., 2005a; 
Elzinga, 2011; Lefkowitz et al., 2013; Elzinga and Kustka, 2015). At lower dissolved Mn(II) 
concentrations, no phase transformations occur and the phyllomanganate structure is preserved, 
but sheet stacking and vacancy content in these minerals are altered (Zhu et al., 2010; Hinkle et 
al., 2016; Zhao et al., 2016). Bargar et al. (2005a) observed the conversion of biogenic Mn 
oxides from a vernadite-like structure to a birnessite-like structure in the presence of excess 
Mn(II), likely through oxidative adsorption at vacancies, forming Mn(III) in the mineral sheet 
through Mn(II)-Mn(IV) comproportionation. This may lead to increased strain in the Mn oxide 
sheets because the Jahn-Teller distorted Mn(III) causes altered sheet symmetry, stacking, and 
vacancy site content. 
Changes to the Mn oxide structure alters trace element binding as Mn(II) adsorption, 
incorporation, and Mn(II)-Mn(IV) comproportionation block reactive vacancy sites in the sheet, 
reducing trace metal adsorption, and driving metals to lower affinity binding sites (Frierdich et 
al., 2011a; Simanova et al., 2015; Hinkle et al., 2017; Lefkowitz and Elzinga, 2017). However, 
similar to studies concerning Fe oxides recrystallization, our extent of knowledge concerning 
altered Mn oxides structures and the related impact on trace metal fate and availability is limited 
mainly to systems containing aqueous Mn(II). These conditions are most similar to those found 
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at redox interfaces which are restricted in spatial extent in nature. However, as localized 
reduction of Mn can occur through other biotic and abiotic factors, redox reactions with Mn 
oxides that involve Mn(II)-Mn(IV) comproportionation and alter trace metal binding may be  
more widespread.   
 
1.4 ORGANIC ACID OCCURRENCE AND INTERACTIONS WITH METALS 
Small organic acids are released from plant roots, bacteria, and fungi in the rhizosphere at 
concentrations that may reach millimolar levels (Fox and Comerford, 1990; Marschner, 1995; 
Jones, 1998; Hongve et al., 2000; Ganor et al., 2009) and also form at lower concentrations in 
groundwater systems via organic matter decomposition (McMahon and Chapelle, 1991). It has 
been shown that organic acids have an important influence on the fate and transport of trace 
elements in soils and aquatic systems (Marschner, 1995; Filius et al., 1997; Buerge-Weirich et 
al., 2002; Buerge-Weirich et al., 2003; Ha et al., 2009). These compounds may compete for 
surface sites with metals, bind metals in soluble aqueous complexes, or form ternary complexes 
with trace metals on the mineral surface (Figure 1.2), all of which may affect net trace metal 
retention by natural solids (Filius et al., 1997; Buerge-Weirich et al., 2003). Some organic acids 
have also been observed to dissolve Fe and Mn oxides through solution complexation (Zinder et 
al., 1986; Suter et al., 1988; Loring et al., 2008) or reduction (Stone and Morgan, 1984; Stone, 
1987; Wang and Stone, 2006a; Wang and Stone, 2006b) which may release trace metals that are 
adsorbed or incorporated (Godtfredsen and Stone, 1994).  
Oxalate is one of the most abundant organic acids in sediments and soils and strongly 
complexes metal ions (Fox and Comerford, 1990; Hongve et al., 2000; Buerge-Weirich et al., 
2002; Buerge-Weirich et al., 2003; Ha et al., 2009). The presence of oxalate has been shown to  
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Figure 1.2: Cooperative and competitive interactions between oxalate and Ni that may occur 
during adsorption to iron oxides surfaces.  
 
reduce the adsorption of trace metals, such as Ni, Zn, and Cd to Fe oxides, likely through 
changes to the adsorption mechanisms (Chairidchai and Ritchie, 1990; Buerge-Weirich et al., 
2002; Buerge-Weirich et al., 2003; Ha et al., 2009). The relative role of solution complexation, 
ternary surface complexation, and surface site competition in altering metal adsorption to Fe 
oxides is presently unclear. Oxalate has also been observed to induce ligand-promoted 
dissolution of Fe oxides in both anoxic and oxic environments through the formation of Fe(III)-
oxalate complexes (Zinder et al., 1986; Suter et al., 1988; Loring et al., 2008; Gadol et al., 2017). 
It has been suggested that these complexes may then readsorb to the mineral surface (Loring et 
al., 2008) and that this may cause mineral recrystallization, even in the absence of dissolved 
Fe(II) (Gadol et al., 2017). These observations suggest that oxalate may affect trace metal fate by 
directly inducing recrystallization or through enhancing Fe(II)-promoted recrystallization.  
Likewise, oxalate, citrate, and 4-hydroxybenzoate, other common organic acids in soils 
and in natural organic matter (Fox and Comerford, 1990; Hongve et al., 2000), reductively 
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dissolve Mn oxides (Stone, 1987; Wang and Stone, 2006a; Wang and Stone, 2006b). The rate of 
reduction varies based on the organic acid, mineral phase, and pH. While prior studies have 
focused on the macroscopic dissolution and consumption of organic acids, they have not 
investigated the impact on residual mineral structure, especially on timescales beyond 1 day, the 
typical length of many past experiments. When these organic acids coexist with Mn oxides they 
may lead to altered mineral reactivity and trace metal fate and availability. However, the exact 
behavior is unknown at this time. Therefore, a comprehensive understanding of the interactions 
between organic acids, trace metals, and Fe and Mn oxides is critical to understanding 
micronutrient bioavailibility and contaminant fate in natural environments.  
 
1.5 RESEARCH OBJECTIVES 
The goal of this dissertation is to identify how small organic acids interact with Fe and 
Mn oxides through recrystallization, structural transformation, and the potential impact on 
micronutrient and contaminant fate. The objectives of this research resulted in three specific 
studies outlined in the following chapters:  
Chapter 2: Competitive and Cooperative Effects during Nickel Adsorption to Iron Oxides 
in the Presence of Oxalate (Flynn, E.D. & Catalano, J.G.) 
This chapter investigated the relationship between oxalate and Ni during adsorption to 
hematite and goethite. Macroscopic adsorption isotherms coupled to thermodynamic calculations 
were used to identify the potential competitive and cooperative effects. Examination of the 
changes to the binding mechanism of Ni to hematite and goethite in the presence and absence of 
oxalate was completed through extended X-ray absorption fine structure (EXAFS) spectroscopy 
and attenuated total reflectance Fourier transform infrared (ATR-FTIR) spectroscopic 
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measurements. The presence of oxalate suppressed Ni adsorption to the Fe oxides at pH 7 by 
forming soluble Ni-oxalate aqueous complexes. Oxalate also alters Ni adsorption affinity due to 
the formation of Ni-oxalate ternary surface complexes. These observations demonstrate that 
competition between dissolved oxalate and the mineral surface for Ni overwhelms the 
enhancement in adsorption associated with ternary complexation. Oxalate thus largely affects Ni 
mobility, increasing micronutrient availability, and inhibiting contaminant sequestration through 
cooperative and competitive processes.  
Chapter 3: Influence of Oxalate on Ni Fate during Fe(II)-Catalyzed Recrystallization of 
Hematite and Goethite (Flynn, E.D. & Catalano, J.G.) 
Fe(II) catalyzed recrystallization of hematite and goethite were explored in the presence 
and absence of oxalate. Oxalate promoted recrystallization in the absence of Fe(II) was also 
examined. Kinetic experiments were conducted to better understand the impact oxalate had on Ni 
release from incorporated iron oxides while X-ray absorption near edge structure (XANES) 
spectroscopy were used to quantify the amount of Ni adsorbed, incorporated, or in the aqueous 
phase during Ni incorporation. These measurements showed that oxalate and Fe(II) both promote 
the release of Ni to aqueous solution. However, in combination their effects may be either 
synergistic or inhibitory, depending on pH.  In contrast, Ni incorporation into goethite and 
hematite during Fe(II)-induced recrystallization is consistently suppressed by oxalate. These 
observations suggest that at redox interfaces oxalate largely enhances trace metal mobility. 
Chapter 4: Reductive Transformations of Layered Manganese Oxides by Small Organic 
Acids and the Fate of Trace Metals (Flynn, E.D. & Catalano, J.G.) 
To characterize the effects of small organic acids on the mineral structure of Mn oxides, 
the phyllomanganates δ-MnO2 and hexagonal birnessite were reacted with oxalate, citrate, and 4-
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hydroxybenzoate for 28 days at weakly acidic to neutral pH. Linear combination fitting of 
XANES spectra show that these compounds decreased the average manganese oxidation state of 
the minerals. Dissolved Mn(II) was also generated under acidic conditions. The initial organic 
acids were largely consumed by reaction with the Mn oxides. In systems containing citrate and 
4-hydroxybenzoate, far greater reduction was observed than for oxalate, indicating that the 
oxidation products of these larger molecules also reacted. Powder X-ray diffraction showed that 
the resulting structural changes in the residual minerals were subtler than seen for systems 
containing equivalent concentrations of dissolved Mn(II). The organic acids reduced trace metal 
binding at pH 4 but had little effect at pH 7. However, each organic acid had distinct effects on 
metal adsorption mechanisms, altering the availability of vacancy sites and under some 
conditions driving metals to form weaker surface complexes on sheet edges. This demonstrates 
that aging phyllomanganates in the presence of organic acids causes extensive reduction of these 
minerals that alter their reactivity yet preserves the overall mineral structure.  
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2.1 ABSTRACT 
Iron oxides are ubiquitous in soils and sediments and play a critical role in the geochemical 
distribution of trace elements and heavy metals via adsorption and coprecipitation. The presence 
of organic acids may potentially alter how metals associate with iron oxide minerals through a 
series of cooperative or competitive processes: solution complexation, ternary surface 
complexation, and surface site competition. The macroscopic and molecular-scale effects of 
these processes were investigated for Ni adsorption to hematite and goethite at pH 7 in the 
presence of oxalate. The addition of this organic acid suppresses Ni uptake on both minerals. 
Aqueous speciation suggest that this is dominantly the result of oxalate complexing and 
solubilizing Ni. Comparison of the Ni surface coverage to the concentration of free 
(uncomplexed) Ni2+ in solution suggests that the oxalate also alters Ni adsorption affinity. 
EXAFS and ATR-FTIR spectroscopies indicate that these changes in binding affinity are due to 
the formation of Ni-oxalate ternary surface complexes. These observations demonstrate that 
competition between dissolved oxalate and the mineral surface for Ni overwhelms the 
enhancement in adsorption associated with ternary complexation. Oxalate thus largely enhances 
Ni mobility, thereby increasing micronutrient bioavailability and inhibiting contaminant 
sequestration.  
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2.2 INTRODUCTION 
Iron oxides are present in most terrestrial and aquatic environments as nodules, crusts, 
and coatings (Schwertmann and Cornell, 2000; Frierdich et al., 2011a; Lagroix et al., 2016). Due 
to their widespread occurrence and chemical properties, iron oxides play a critical role in the 
geochemical distribution of trace elements and heavy metals (Waychunas et al., 2005; Frierdich 
et al., 2011a). These minerals sequester macro- and micronutrients and contaminants in soils, 
lakes, streams impacted by mine drainage, marine environments, and caves (Carpenter and 
Hayes, 1980; Singh and Gilkes, 1992; Brown and Parks, 2001; Manceau et al., 2003; Hochella et 
al., 2005; Frierdich et al., 2011a). Nickel, for example, readily binds to iron oxides at pH 7 and 
above (Coughlin and Stone, 1995; Brown and Parks, 2001; Trivedi and Axe, 2001; Buerge-
Weirich et al., 2002; Buerge-Weirich et al., 2003; Arai, 2008), limiting its availability as an 
essential micronutrient for plants (Cempel and Nikel, 2006) and microorganisms (Glass and 
Orphan, 2012; Sydor and Zamble, 2013) but also as a soil and water contaminant at higher 
concentrations (Cempel and Nikel, 2006).  
 Ni adsorption to iron oxides may be altered when organic acids are present. Organic acids 
released from plant roots, bacteria, and fungi in the soil rhizosphere may reach millimolar 
concentrations (Fox and Comerford, 1990; Marschner, 1995; Jones, 1998; Hongve et al., 2000; 
Ganor et al., 2009), and these species also form at lower concentrations in groundwater systems 
via organic matter decomposition (McMahon and Chapelle, 1991).  It has been shown that 
organic acids have an important influence on the fate and transport of trace elements in soils and 
aquatic systems (Marschner, 1995; Filius et al., 1997; Buerge-Weirich et al., 2002; Buerge-
Weirich et al., 2003; Ha et al., 2009). These compounds may compete with heavy metals for 
binding sites on iron oxide surfaces or form ternary surface complexes (Buerge-Weirich et al., 
19 
 
2002; Ha et al., 2009).  Organic acids are also highly effective ligands for solubilizing metals at 
circumneutral to moderately acidic conditions (Ha et al., 2009), which increases both 
micronutrients availability and the availability of toxic metals (Gerke et al., 1994; Marschner, 
1995; Jones, 1998).  
 Oxalate is one of the most abundant organic acids in soils and strongly complexes metal 
ions (Buerge-Weirich et al., 2002; Buerge-Weirich et al., 2003; Ha et al., 2009). Buerge-Weirich 
et al. (2003) observed that Ni adsorption to goethite in the presence of oxalate decreased above 
pH 7, while at lower pH, oxalate had no influence on Ni adsorption. The decrease in proton 
release per adsorbed Ni in the presence of oxalate suggested a change in adsorption mechanism, 
e.g., ternary complexation. A decrease in adsorption in the presence of oxalate and other organic 
acids has also been identified for trace elements adsorbing to soil samples (Chairidchai and 
Ritchie, 1990). However, the relative roles of solution complexation, ternary surface 
complexation, and surface site competition for Ni adsorption when oxalate is present are unclear.    
 In this study, we explored the cooperative and competitive effects of oxalate on Ni 
adsorption to hematite and goethite at pH 7 to improve our understanding of the role organic 
acids play in metal mobility. Ni adsorption isotherms were measured in the presence of different 
oxalate concentrations to assess the effect of oxalate on macroscopic uptake. Thermodynamic 
calculations identified the aqueous species present in the systems and their influence on Ni 
adsorption behavior. Extended X-ray absorption fine structure (EXAFS) spectroscopy and 
attenuated total reflectance Fourier transport infrared (ATR-FTIR) spectroscopy were used to 
determine Ni and oxalate binding mechanisms and assess the potential for ternary complexation. 
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2.3 METHODS AND MATERIALS 
2.3.1 Minerals Synthesis and Characterization 
 Hematite and goethite were synthesized using previously published methods 
(Schwertmann and Cornell, 2000). Hematite was prepared by heating a solution of 0.19 M 
Fe(NO3)3·9H2O, 0.06 M KOH, and 0.35 M NaHCO3 at 98°C for five days. Goethite was 
synthesized by reacting a solution of 0.05 M Fe(NO3)3·9H2O and 0.45 M KOH over 60 hours at 
70°C.  After cooling, the minerals were rinsed three times with 150 mL of deionized (DI) water 
(>18.2 MΩ cm) using a vacuum filtration system to remove excess ions. Hematite and goethite 
were then suspended in DI water and stored in polypropylene bottles wrapped in aluminum foil.  
 A portion of each suspension was dried at 70°C in a convection oven for mineral 
characterization. X-ray diffraction (XRD) patterns of these minerals, collected on a Bruker d8 
Advance Diffractometer using Cu Kα radiation and a LynxEve XE strip detector, indicate that no 
other crystalline Fe minerals were present. The Brunauer-Emmett-Teller (BET) specific surface 
area of each mineral were determined by collecting N2 gas adsorption isotherms on a 
Quantachrome Autosorb-1 Instrument.  
 
2.3.2 Macroscopic Adsorption Behavior 
 Ni adsorption to hematite and goethite in the presence and absence of oxalate were 
studied in batch experiments. In these experiments, a solution containing 10 mM NaCl, 1 mM 3-
(N-morpholino)propanesulfonic acid (MOPS) buffer, 0 to 1000 μM NiCl2 and 0, 0.1, or 1 mM 
Na2C2O4 were reacted with 1 g/L hematite or goethite at pH 7 for five days. Triplicate samples 
were prepared with initial Ni concentrations of 100 μM, 220 μM, and 500 μM for the hematite 
systems and 500 μM for the goethite systems. Mineral-free blanks were used to assess errors in 
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the initial Ni concentrations. Samples were prepared in 15 mL polypropylene centrifuge tubes 
and the pH was adjusted after 24 hours using NaOH or HCl to pH 7±0.1. The samples were 
wrapped in aluminum foil to inhibit photochemical reactions. At the end of the reaction period, 
the final pH was measured and samples were filtered using disposable 0.22 μm MCE syringe 
filters. The filtrate was immediately acidified to 2% HNO3 (trace metal grade). For samples 
containing oxalate, a portion of the solution was separated prior to acidification for quantification 
of oxalate concentration by ion chromatography (IC) using a Metrohm 881 Compact IC Pro ion 
chromatograph.  
Ni concentrations in the samples, blanks, and triplicates were measured by inductively-
coupled plasma optical emission spectroscopy (ICP-OES) using a Perkin-Elmer Optima 7300DV 
instrument. Adsorbed Ni was determined by the difference of the initial and final concentrations 
of Ni in solution. Experimental uncertainties were calculated by adding in quadrature the average 
standard deviation of the triplicate experiments for each dataset with the standard deviation of 
the individual ICP-OES measurements. Langmuir adsorption isotherms were then fitted to each 
uptake curve. 
 
2.3.3 Thermodynamic Modeling of Solution Speciation 
 Ni and oxalate speciation in solution for both the 0.1 mM and 1 mM oxalate systems 
were determined using The Geochemist’s Workbench (Bethke, 2007). The accompanying Visual 
MINTEQ database (Gustafsson, 2012) was used because this included data for the formation of 
Ni-oxalate solution complexes. Each calculation involved a system containing the average 
measured final dissolved oxalate concentration in a 0.01 M NaCl fluid with the pH fixed at 7.0. 
Increasing amounts of NiCl2 were then reacted with this fluid to span the range of final 
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concentrations used in the experiments. Separate calculations evaluating iron oxides solubility in 
the presence of oxalate produced total dissolved Fe concentration below 1 nanomolar for all 
conditions. While the dominant Fe solution species were complexes with oxalate, these 
represented <0.001% of the total oxalate in the experiments and such complexes are thus a 
negligible contributor to overall oxalate speciation. 
 
2.3.4 EXAFS Spectroscopy 
The effect of oxalate on Ni adsorption mechanisms was investigated by EXAFS 
spectroscopy. Samples of Ni adsorbed to hematite and goethite in the presence and absence of 1 
mM oxalate were prepared using the same procedure in the uptake experiments. After the five 
days reaction period, hematite samples were separated from the supernatant through 
centrifugation. The mineral particles were collected as a wet paste and sealed in polycarbonate 
sample holder using Kapton tape. Goethite samples were filtered using reusable syringe filters 
with 0.22 µm MCE membranes. The mineral pastes on the filter membranes were then placed 
between two layers of Kapton film, which were sealed with Kapton tape. To maintain hydration, 
the goethite samples on membranes were heat sealed in polyethylene bags with a damp 
Kimwipe.  
Ni K-edge (8333 eV) fluorescence-yield EXAFS spectra were collected for these samples 
at the Advanced Photon Source (APS) at Argonne National Laboratory using beamlines 20-BM-
B and 12-BM-B for the hematite and goethite samples, respectively. A Si(111) double-crystal, 
fixed-exit monochromator was used to select the incident beam energy. The harmonic content of 
the X-ray beam was reduced by detuning the second crystal of the monochromator by 10% at 20-
BM-B and 30% for 12-BM-B. Toroidal focusing and flat harmonic rejection mirror systems 
23 
 
further conditioned the incident beam at both beamlines.  Data were collected using a 13-element 
energy dispersive Ge array detector at 20-BM-B and two Vortex ME4 detectors (four-element 
silicon drift detectors) at 12-BM-B. 
EXAFS spectra were processed using the Athena (Ravel and Newville, 2005) and 
Sixpack (Webb, 2005) interfaces to IFEFFIT (Newville, 2001). The EXAFS spectra were fit to 
structural models using Sixpack (Webb, 2005) with backscattering phase and amplitude 
functions generated from the structure of Trevorite (Blesa et al., 1993) using FEFF 7.02 
(Ankudinov et al., 1998). Spectra were fit in k over a range of 3.5 to 11.3 Å-1 and in R from 0.8 
to 4.25 Å for all samples except hematite with 1 mM oxalate, which because of data quality was 
analyzed over a k range of 3.5 to 9.8 Å-1. The coordination number (N), interatomic distances 
(R), σ2 (a Debye-Waller-type factor based on a Gaussian distribution of interatomic distances), 
and ΔE0 were refined using nonlinear least squares fitting. The amplitude reduction factor (S02) 
was fixed at 0.9 for spectral fitting.    
 
2.3.5 ATR-FTIR Spectroscopy 
 The effect of oxalate on Ni adsorption to hematite was also investigated using in-situ 
ATR-FTIR spectroscopy. A ZnSe Horizontal ATR (PIKE Technologies HATR accessory) flow 
through cell (45º incidence angle, 4 mm crystal thickness, 80 mm x 10 mm upper crystal face 
dimensions, 10 internal reflections, refractive index of 2.4) was coated with 1.5 mL of a 2 g/L 
hematite suspension (Rubasinghege et al., 2010; Hinkle et al., 2015). The mineral suspension 
was allowed to dry in a vacuum desiccator to adhere the mineral to the crystal.  
 The five conditions studied have various concentrations of Ni adsorbed to hematite in the 
presence of 1 mM oxalate. These consisted of 0, 100, 220, 500, or 800 μM NiCl2 and 1 mM 
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Na2C2O4 in a 0.01 M NaCl solution at pH 7±0.1. All sample spectra were referenced to a 
background spectrum of the mineral coating in the presence of a pH 7, 0.01 M NaCl fluid. FTIR 
spectra were obtained using a Thermo Nicolet Nexus 470 ESP FTIR spectrometer (Nexus DTGS 
detector with a KBr window). The background and sample spectra were the average of 2000 
scans with a 4 cm-1 resolution. After the background spectrum was obtained, the cell was 
equilibrated with the sample conditions using a flow through system, injecting 60 mL of reaction 
fluid at a rate of 0.5 mL/min. The cell was allowed to further equilibrate overnight for each 
condition before measurements were taken.  
 Reference spectra were also collected for 10 mM oxalate in 0.01 M NaCl at pH 7, 
NiC2O4·xH2O (Alfa Aesar Puratronic), and a Ni-oxalate coprecipitate produced from a pH 7 
solution containing 10 mM NiCl2, 10 mM Na2C2O4, and 0.01 M NaCl to mimic the experimental 
conditions. The spectra of dissolved 10 mM oxalate and the Ni-oxalate coprecipitate were 
collected using a clean HATR cell. The Smart Performer ATR accessory for the FTIR 
spectrometer was used to collect a spectrum of the Ni-oxalate solid. These spectra were 
referenced against backgrounds of 0.01 M NaCl for the aqueous solutions and air for the Ni-
oxalate solid. The FTIR spectra for all samples and references were baseline corrected using 
OMNIC software.  
 
2.4 RESULTS AND DISCUSSION 
2.4.1 Macroscopic Ni Adsorption 
 The adsorption of Ni to hematite and goethite at pH 7 in the presence and absence of 
oxalate was investigated to determine the possible cooperative or inhibitory effects of this ligand. 
For the hematite system, the addition of 0.1 mM oxalate had no significant effect on Ni uptake at  
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Figure 2.1: Ni adsorption to hematite (A) and goethite (B) compared to the measured total 
dissolved Ni in the presence of 0 mM, 0.1 mM and 1 mM oxalate at pH 7 and corresponding 
Langmuir isotherms fits (lines). A curve could not be fitted to the 1 mM oxalate-hematite 
system. Uncertainties in measurements smaller than symbols are not shown.   
 
low dissolved Ni concentrations (Figure 2.1A). However, there is an abrupt rise in Ni uptake at 
approximately 70 μM final dissolved Ni and greater Ni adsorption above these concentrations 
compared to the oxalate free system. In contrast, 0.1 mM oxalate suppresses Ni adsorption to 
goethite, although the data spacing at low Ni concentrations is inadequate to investigate whether 
a similar change in adsorption occurs near 70 μM dissolved Ni (Figure 2.1B). The presence of    
1 mM oxalate decreased Ni adsorption to both minerals; this effect was more pronounced for 
hematite. Ni uptake on hematite for the 1 mM oxalate system displays apparent two-stage 
adsorption, with a secondary increase in uptake above 300 μM dissolved Ni. Langmuir isotherms 
could be fitted to all uptake curves except for the system containing 1 mM oxalate with hematite 
(Table A2.1). Ni adsorption to hematite was substantially greater than Ni adsorption to goethite 
in the presence and absence of oxalate. This is not a result of specific surface area differences as 
these values were similar for both materials (24.9 m2/g for hematite and 26.0 m2/g for goethite). 
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Ni adsorption onto both minerals was accompanied by an increase in oxalate uptake for 
the systems containing 0.1 mM initial dissolved oxalate (Figure 2.2). Similar to Ni adsorption, 
hematite showed greater uptake of oxalate than goethite at pH 7. For the higher initial oxalate 
concentration studied (1 mM), uptake on the minerals was small for hematite (~10% adsorption)  
and undetectable for goethite, with IC reporting a 6% greater final oxalate concentration than 
was added in the experiments. We attribute this excess oxalate recovery to an unidentified  
systematic error in the IC analysis. While this suggests a relatively large uncertainty in the 
absolute oxalate concentrations measured, it appears to apply uniformly to all samples and does 
not prevent identification of trends in concentration, although it does make it impossible to 
calculate the percent oxalate adsorbed for the 1 mM goethite system.  
The suppression of Ni adsorption on hematite at low to moderate dissolved Ni 
concentrations in the presence of 1mM oxalate is similar to the effects previously reported for 
natural organic groundwater ligands on Ni adsorption to goethite (Buerge-Weirich et al., 2002). 
uptake then increasing linearly at higher Ni concentrations (Buerge-Weirich et al., 2002). It was 
 
 
Figure 2.2: Percent of oxalate in solution after reaction with hematite (A) and goethite (B). 
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suggested that strong complexation of Ni by the organic acids in solution inhibited adsorption 
until the ligands were mostly complexed. This same behavior is observed in the present work for 
hematite; it is unclear if this phenomenon occurred for goethite because uptake data utilized a 
lower maximum Ni concentration. More broadly, multiple prior studies observed a substantial 
decrease in trace metal adsorption to iron oxides in the presence of oxalate (Buerge-Weirich et 
al., 2002; Buerge-Weirich et al., 2003; Ha et al., 2009), consistent with the general trends in the 
present work. This overall behavior was also previously attributed to metal complexation by 
oxalate in solution.   
The enhancement of oxalate adsorption with increasing Ni concentration when the 
organic acid is present at 0.1 mM concentration (Figure 2.2) indicates that site competition is not 
substantial at the surface coverages explored as this would lead to decreased oxalate uptake, the 
opposite of what is observed. Similarly, Ni complexation in the solution could not result in an 
increase in oxalate adsorbed. Oxalate and Ni co-adsorb at low final dissolved Ni concentrations 
(<50 μM) for systems containing 0.1 mM total oxalate. This increased oxalate adsorption occurs 
at a lower final Ni concentration than the more abrupt increase in Ni adsorption seen at ~70 μM 
final dissolved Ni, suggesting that these two phenomena are not directly related. The uptake data 
thus indicates that in addition to solution complexation, Ni-oxalate interactions occur on the 
mineral surface from either a surface charge effect or from Ni-oxalate ternary complexation. 
 
2.4.2 Thermodynamic Modeling of the Nickel Speciation in Solution  
As noted above, prior work indicates that solution complexation of trace metals by 
organic acids decrease metal adsorption (Buerge-Weirich et al., 2003). We hypothesized that 
such complexation is a major factor in the overall decline in Ni adsorption with increasing 
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oxalate concentration in the present study. Thermodynamic modeling was thus employed to 
assess the aqueous speciation of Ni and oxalate under the final experimental conditions. 
Concentrations of minor species (<1% of total Ni or oxalate), which include NiCl+, NiCl20, 
HC2O4-, and H2C2O40, are not reported for clarity.  
For the hematite system initially containing 0.1 mM oxalate, the Ni(C2O4)(aq) complex is 
the dominant Ni species below 70 μM (Figure 2.3A). Notably, this transition condition coincides 
with the abrupt increase in Ni adsorption when 0.1 mM oxalate is present (Figure 2.1). Free 
(uncomplexed) Ni2+ dominates at higher total Ni concentrations. The transitional Ni 
concentration where solution speciation changes reflect the distinct average oxalate adsorption 
measured for each system, which lowers the amount of dissolved oxalate available for 
complexation. For 1 mM oxalate, the Ni(C2O4)22- complex was the dominant Ni species for total 
Ni concentrations less than 190 μM in the hematite system (Figure 2.3B). At higher total Ni 
concentrations, Ni(C2O4)(aq) dominated. In the goethite systems, Ni speciation had subtle 
differences because of different final dissolved oxalate concentrations, with Ni(C2O4)(aq) 
dominating below 130 μM total dissolved Ni in the 0.1 mM oxalate system and Ni(C2O4)22- 
dominating below 340 μM total dissolved Ni in the 1 mM oxalate system (Figure A2.1). Free 
Ni2+ was not the major species for any of the total Ni concentrations observed in the 1 mM 
oxalate experiments. However, free Ni2+ increases in concentration above ~400 μM total 
dissolved Ni for the hematite experiments and above ~500 μM total Ni for the goethite 
experiments. 
The speciation of oxalate also varies with increasing Ni concentration in the hematite 
(Figure 2.3) and goethite (Figure A2.3) systems. The Ni(C2O4)(aq) complex dominated above 50 
μM for the 0.1 mM initial oxalate systems. For the 1 mM oxalate systems, the C2O42- species  
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Figure 2.3: Thermodynamic modelling of Ni (A, B) and oxalate (C, D) speciation in final 
solution following Ni and oxalate adsorption to hematite at pH 7 in a 0.01 M NaCl fluid. Total 
dissolved oxalate concentrations used were 0.052 mM (A, C) and 0.86 mM (B, D) based on the 
average final concentrations of oxalate.  
 
dominated at low Ni concentrations when total oxalate concentration was greater than twice the 
total dissolved Ni (less than ~430 μM or ~530 μM total Ni for hematite and goethite, 
respectively). At higher Ni concentrations, Ni(C2O4)(aq) was the dominant species and other 
oxalate species decreased to less than 15% of the total for both oxide systems.   
The resulting concentrations of free Ni2+ for all experimental conditions allows for a 
reanalysis of the uptake data, as adsorption equilibrium will depend on the free Ni2+ 
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concentrations, not the total dissolved Ni, and much of the latter exists as Ni-oxalate complexes. 
Replotting all uptake data versus free Ni2+ concentration instead of total dissolved Ni reveals 
Langmuir-like adsorption behavior for all conditions (Figure 2.4). This indicates that deviation 
from this idealized behavior observed initially (Figure 2.1) largely results from complexation of 
Ni2+ in solution by oxalate.  
After accounting for solution complexation, the resulting uptake curves still indicate that 
Ni binding energetics change in the presence of oxalate. This can be seen in the new K values for 
the isotherms (Table A2.1). By removing the effects of solution complexation, the isotherms 
should overplot one another if Ni binding mechanisms to the surface are unchanged. The 
complexation-corrected macroscopic Ni uptake behavior thus suggests that Ni adsorption is 
being enhanced by either oxalate shifting the surface charge to a less positive (or more negative) 
value or through ternary surface complexation. 
 
 
 
Figure 2.4: Replotting of the uptake of Ni onto hematite (A) and goethite (B) at pH 7 as a 
function of the concentration of the free Ni2+ aqueous species determined by thermodynamic 
modeling.  Corresponding Langmuir isotherms (lines) also utilize the free Ni2+ concentration. 
Uncertainties in measurements smaller than symbols are not shown.  
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2.4.3 Spectroscopic Characterization of Binding Mechanisms 
EXAFS Spectroscopy 
Ni binding mechanisms to iron oxide surfaces in the absence and presence of oxalate 
were determined by EXAFS spectroscopy (Figure 2.5) to assess whether oxalate induces changes 
in Ni coordination at the mineral surface, such as from ternary surface complexation. Initial Ni 
concentrations were chosen based on the adsorption isotherms to obtain similar concentrations of 
adsorbed Ni to the mineral surface in the presence and absence of oxalate. The adsorbed Ni and 
percent of oxalate remaining in the system suggest that these samples were comparable to the 
batch experiments (Table A2.2). Spectra were modeled (Table 2.1) following the surface 
complex geometries suggested by Arai (2008). Three Ni-Fe shells at interatomic distances 
corresponding to three different Ni surface complex geometries were considered: face sharing 
(~2.9 Å), edge sharing (~3.0 Å to ~3.3 Å), bidentate corner sharing (~3.55 Å) and monodentate 
corner sharing (~4.05 Å). Debye Waller factors (σ2) were fixed for the Fe shells at 0.005 Å2 
based on previous work (Arai, 2008; Frierdich et al., 2011b). 
 
 
Figure 2.5: Data (dotted) and structural model fits (lines) of Ni K-edge EXAFS spectra (left), 
Fourier transform magnitudes (center), and real components of the Fourier transforms (right) for 
Ni adsorbed to hematite without (a) or with 1 mM oxalate (b) and Ni adsorbed to goethite 
without (c) or with 1 mM oxalate (d).  
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Table 2.1: EXAFS spectra structural fitting results for Ni adsorption to hematite and goethite 
after five days in the presence and absence of oxalate at pH 7.   
Sample Shell Na R(Å)b σ2 (Å2)c ΔE0 (eV)d χv2 e 
Hematite, No Oxalate O 6 2.040(7)f 0.0060(4) -4(1) 2.67 
 Fe 1.1(3) 2.85(2) 0.005   
 Fe 1.3(3) 3.03(2) 0.005   
 Fe 1.6(4) 4.08(2) 0.005   
       
Hematite, 1 mM Oxalate O 6 2.043(5) 0.0058(3) -4.3(9) 2.00 
 Fe 0.1(1) 2.91(8) 0.005   
 Fe 0.4(2) 3.38(3) 0.005   
 Fe 1.0(3) 4.05(2) 0.005   
       
Hematite, 1 mM Oxalate  O 6 2.043(4) 0.0058(2) -4.5(8) 1.73 
without face-sharing  Fe 0.4(1) 3.38(2) 0.005   
coordination Fe 1.4(2) 4.05(1) 0.005   
       
Goethite, No Oxalate O 6 2.04(1) 0.0058(9) -4(2) 6.93 
 Fe 0.9(4) 3.05(4) 0.005   
 Fe 1.3(6) 3.57(4) 0.005   
       
Goethite, 1 mM Oxalate O 6 2.051(9) 0.0052(6) -3(2) 2.62 
 Fe 0.4(3) 3.11(5) 0.005   
 Fe 1.20(5) 3.60(3) 0.005   
       
Goethite, 1 mM Oxalate O 6 2.052(9) 0.0052(6) -3(1) 2.53 
with only one edge 
sharing coordination 
Fe 1.2(4) 3.59(2) 0.005   
a Coordination number. b Interatomic distance. c Debye-Waller factor. dDifference in the 
threshold Fermi level between data and theory. eReduced chi squared, a goodness of fit 
parameter (Kelly et al., 2008). fStatistical uncertainties at the 68% confidence level are reported 
in parentheses. Parameters with no listed uncertainties were not varied during the fitting. 
 
All spectra were well-fit with using a three or four-shell local structure model (Figure 
2.5) but the resulting coordination differed between the two minerals. The goethite spectra were 
fit with two Ni-Fe edge sharing complexes while the fit to the hematite spectra also incorporated  
face sharing and corner sharing complexes, consistent with prior studies (Arai, 2008; Frierdich et 
al., 2011b). Oxalate induced little variation in coordination geometry or interatomic distances for 
Ni adsorbed to goethite though the spectrum was better fit by only one Ni-Fe path. In contrast, 
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Ni adsorbed to hematite in the presence of oxalate coordinated to fewer Fe atoms and the 
formation of face sharing complexes was suppressed. The face sharing Fe neighbor in the model 
refined to a coordination number within error of zero and removal of this neighbor improved the 
quality of the fit (Table 2.1). The edge sharing complex also shifted to a longer Ni-Fe interatomic 
distance. These effects suggest that Ni-oxalate ternary surface complexation occurs on hematite 
while such complexes are either absent or in low abundance on goethite. The noise level in the 
EXAFS spectra prevented further fitting of the data to evaluate the coordination of oxalate to Ni 
on the hematite surface because neighboring carbon atoms have a weak spectral contribution. 
 
ATR-FTIR Spectroscopy 
Complementary ATR-FTIR spectroscopy measurements were employed to further 
evaluate the possibility of Ni-oxalate ternary surface complexes on hematite (Figure 2.6). Prior 
studies have identified four possible types of solid-associated species observable in FTIR 
spectra: outer sphere complexes, binary inner sphere complexes, metal-oxalate ternary surface 
complexes, or metal-oxalate precipitates (Yoon et al., 2004; Ha et al., 2009). Outer sphere 
complexes typically have spectra similar to aqueous oxalate because of the comparable 
molecular geometries but with slightly shifted peak positions and broader linewidths (Yoon et 
al., 2004; Johnson et al., 2004; Ha et al., 2009). Spectra for type A ternary complexes, where the 
adsorbed metal ion bridges between the mineral surface and oxalate, appear similar to inner 
sphere binary oxalate complexes. In contrast, type B ternary complexes (ligand-bridging) 
resembles the spectra for precipitates as oxalate is bonded to two metal cations (Ha et al., 2009; 
Simanova et al., 2011).  
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Figure 2.6: ATR-FTIR spectra of oxalate (1 mM in solution) adsorbed onto hematite at pH 7 
with 0 µM Ni (a), 100 µM Ni (b), 220 µM Ni (c), 500 µM Ni (d), and 800 µM Ni (e). Reference 
spectra of 10 mM oxalate at pH 7 (f), Ni-oxalate coprecipitate in 0.01 M NaCl at pH 7 (g), and a 
Ni-oxalate solid (h) are scaled by a factor of 5.   
 
The IR spectra of oxalate adsorption to the hematite surface identified prominent peaks 
occurring at 1720 cm-1, 1697 cm-1, 1425 cm-1, and 1294 cm-1 when no Ni is present (Figure 2.6). 
These peaks are in agreement with previous studies for oxalate adsorption to iron, aluminum, and 
other metal (oxy)hydroxides and are consistent with a mononuclear bidentate inner sphere 
complex (Axe and Persson, 2001; Yoon et al., 2004; Johnson et al., 2004; Persson and Axe, 
2005; Ha et al., 2009). These major features persist as Ni is added to the system, suggesting that 
binary oxalate inner sphere complexes exist under all conditions examined.  
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  A shoulder on the 1697 cm-1 peak that extends to ~1530 cm-1 for the Ni-free and low Ni 
(100 or 220 µM) samples was previously identified by Simanova et al. (2011) as resulting from 
overlapping bands of metal-oxalate inner sphere complexes and aqueous oxalate outer sphere 
complexes. When Ni concentrations are increased to 500 and 800 µM, this shoulder disappears 
and a new, intense feature forms at 1590 cm-1 along with a doublet at 1360 cm-1 and 1354 cm-1. 
These new features increase in intensity with increasing Ni concentration, suggesting that they 
result from Ni-oxalate co-adsorption and not from other species. While a peak at 1590 cm-1 has 
been observed by multiple studies and interpreted to indicate an oxalate outer sphere complex, 
this is not accompanied by the doublet at shorter wavenumber observed here (Axe and Persson, 
2001; Yoon et al., 2004; Johnson et al., 2004).  
This doublet at 1360 cm-1 and 1354 cm-1 is similar to a doublet that occurs for Ni-oxalate 
solids but the 1590 cm-1 feature is absent in these spectra, which instead have a strong band at 
1620 cm-1 (Figure 2.6). This further shows that our samples do not contain a Ni-oxalate 
precipitate. Instead, the co-occurrence of these three bands indicate that they originate from a 
type B Ni-oxalate ternary complex, which is in agreement with the EXAFS spectra as the Ni 
coordination to the mineral surface changed in the presence of oxalate but Ni remained bound to 
the surface. However, co-occurrence of type A ternary complexes cannot be ruled out as it is 
difficult to distinguish between the IR spectra of binary inner sphere oxalate complexes and type 
A ternary complexes containing oxalate (Simanova et al., 2011).   
 
2.4.4 Mechanisms of Oxalate Alteration of Ni Adsorption Behavior 
This study demonstrates that oxalate changes the interaction of Ni with iron oxide 
surfaces through a combination of competitive and cooperative processes. The overall drop in 
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macroscopic Ni adsorption to hematite and goethite in the presence of oxalate results from 
aqueous complexation of Ni.  Oxalate thus effectively competes with mineral surface sites to 
bind Ni2+ at pH 7. However, after accounting for Ni speciation in solution, it is clear that oxalate 
also increases the binding affinity of Ni2+ on hematite and goethite. Both EXAFS and ATR-FTIR 
spectroscopy show that Ni and oxalate alter the adsorption mechanisms of each other on the 
hematite surface. The uptake data and spectroscopic results together indicate that Ni-oxalate 
ternary complexes form on hematite. Evidence for similar complexes on goethite is currently 
lacking but the uptake data suggest that these may also occur. 
 
2.4.5 Implication for Trace Metal Mobility 
 Oxalate and other organic acids released by plant roots, bacteria, and fungi (Fox and 
Comerford, 1990; Jones, 1998) typically occur in far excess of dissolved metals like Ni in soil 
and aquatic environments. Based on the observations in the present work, aqueous complexation 
by oxalate should inhibit Ni2+ adsorption to mineral surfaces in such settings. At these low metal 
concentration conditions, solubilizing via solution complexation outweighs the enhancement in 
adsorption affinity associated with ternary surface complexation. In many environments the 
presence of oxalate should therefore results in greater Ni mobility, enhancing micronutrient 
bioavailability and inhibiting contaminant sequestration.   
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2.6 APPENDIX 
 
 
Figure A2.1: Comparison of the thermodynamic modeling of the final Ni speciation in solution 
following Ni and oxalate adsorption to hematite (A, B) and goethite (C, D) at pH 7 in a 0.01 M 
NaCl fluid. Aqueous species were determined using the average final concentration of oxalate. 
Total dissolved oxalate concentrations used were 0.052 mM (A), 0.86 mM (B), 0.086 mM (C) 
and 1.06 mM (D).   
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Figure A2.2: Comparison of the thermodynamic modeling of the oxalate speciation in solution 
following Ni and oxalate adsorption to hematite (A,B) and goethite (C,D) at pH 7 in a 0.01 M 
NaCl fluid. Total dissolved oxalate concentrations used were 0.052 mM (A), 0.86 mM (B), 0.086 
mM (C) and 1.06 mM (D) based on the average final concentration of oxalate for each system.   
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Table A2.1: Langmuir linear regression parameters determined for Ni adsorption to goethite and              
hematite in the presence and absence of oxalate at pH 7. 
Isotherms Γmax K R-factorc 
Total Dissolved Ni    
Hematite    
No Oxalate 7.0(2)b 0.0076(8) 0.05 
0.1 mM Oxalate 7.0(5) 0.010(2) 0.11 
1 mM Oxalatec --- --- --- 
Goethite    
No Oxalate 1.28(7) 0.05(2) 0.09 
0.1 mM Oxalate 1.1(1) 0.03(2) 0.08 
1 mM Oxalate 1.0(1) 0.013(5) 0.07 
    
Free Ni2+    
Hematite    
No Oxalate 7.0(3) 0.0076(8) 0.05 
0.1 mM Oxalate 6.4(4) 0.019(4) 0.11 
1 mM Oxalate 6.6(4) 0.08(1) 0.14 
Goethite    
No Oxalate 1.28(7) 0.05(2) 0.09 
0.1 mM Oxalate 1.06(9) 0.14(9) 0.09 
1 mM Oxalate 0.89(6) 2.1(7) 0.08 
a A goodness of fit parameter that is the sum of differences between the data and the model fit at 
each data point divided by the sum of the data at each corresponding point. Smaller R-factors 
represent better fits. bStatistical uncertainties in the last digit are reported in parentheses at the 
68% confidence level. cAn isotherm could not be fitted to the uptake data for Ni adsorbed to 
hematite in the presence of 1 mM oxalate.  
 
 
 
Table A2.2: Reaction conditions for EXAFS samples and final solution concentrations of Ni and 
oxalate after 5 days of reaction at pH 7. 
 
Sample 
[Ni]initial 
(µM) 
[Ni]aq 
(µM) 
[Ni]ads 
(µmol/g)
% Oxalate 
Remaining 
Hematite, no Oxalate 500 419 81 --- 
Hematite, 1 mM Oxalate 800 636 164 101 
Goethite, no Oxalate 600 580 23 --- 
Goethite, 1 mM Oxalate 600 560 43 95 
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Chapter 3 
 
Influence of Oxalate on Ni Fate during 
Fe(II)-Catalyzed Recrystallization of 
Hematite and Goethite 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Submitted to Environmental Science & Technology: 
Flynn, E. D. & Catalano, J. G. (2018) Influence of oxalate on Ni fate during Fe(II)-catalyzed 
recrystallization of hematite and goethite. Environ. Sci. Technol. 
 
45 
 
3.1 ABSTRACT 
During biogeochemical iron cycling at redox interfaces, dissolved Fe(II) induces the 
recrystallization of Fe(III) oxides. Oxalate and other organic acids, which are common in soils, 
sediments, and aquatic systems, promote dissolution of these minerals and may also induce 
recrystallization. These processes may redistribute trace metals among the mineral bulk, mineral 
surface, and aqueous solution. However, the impact of interactions among organic acids, 
dissolved Fe(II), and iron oxide minerals on trace metal fate in such systems is unclear. The 
present study thus explores the effect of oxalate on Ni release from and incorporation into 
hematite and goethite in the absence and presence of Fe(II). When Ni is initially structurally 
incorporated into the iron oxides, both oxalate and dissolved Fe(II) promote the release of Ni to 
aqueous solution. When both species are present, their effects on Ni release are synergistic at pH 
7 but inhibitory at pH 4, indicating that cooperative and competitive interactions vary with pH. 
In contrast, oxalate suppresses Ni incorporation into goethite and hematite during Fe(II)-induced 
recrystallization. These observations suggest that at redox interfaces oxalate largely enhances 
trace metal mobility. In such settings, oxalate, and likely other organic acids, may thus enhance 
micronutrient availability and inhibit contaminant sequestration.   
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3.2 INTRODUCTION 
At redox interfaces in soils, sediments, and aquatic systems, Fe(III) oxide minerals and 
dissolved Fe(II) often coexist as a result of biogeochemical processes. Reactions between these 
iron species induce simultaneous mineral growth and dissolution which result from coupled 
oxidative adsorption of Fe(II) and reduction of Fe(III) at a separate surface site, linked by 
electron transfer across the surface or through the mineral (Yanina and Rosso, 2008; Handler et 
al., 2009; Rosso et al., 2010; Latta et al., 2012a; Frierdich and Catalano, 2012a). The newly 
generated surficial Fe(II) species desorbs from the mineral and may readsorb elsewhere, with this 
cycling inducing recrystallization of the iron oxide (Suter et al., 1988; Handler et al., 2009; 
Rosso et al., 2010).  
Iron oxides are rarely pure in natural environments, often containing trace metals in their 
structures (Singh and Gilkes, 1992; Latta et al., 2012a). Uptake by these minerals controls the 
fate and transport of trace metals (Brown and Parks, 2001; Waychunas et al., 2005) and 
understanding Fe(II)-promoted recrystallization of iron oxides is vital to predicting the effects of 
biogeochemical processes on metal fate and availability. In the presence of dissolved Fe(II), Ni 
and Zn structurally incorporated into hematite and goethite have been shown to be released to 
solution (Frierdich et al., 2011; Latta et al., 2012a; Frierdich and Catalano, 2012a). Dissolved 
Fe(II) also leads to the incorporation of structurally compatible trace metals into iron oxides 
(Frierdich et al., 2011). This Fe(II)-catalyzed trace metal cycling appears to be a byproduct of the 
coupled reductive dissolution and oxidative growth behavior of iron oxides in the presence of 
dissolved Fe(II). 
Previous studies provide a limited understanding of the effects of ligands common in 
sediments or aquatic environments on Fe(II)-promoted trace metal cycling (Frierdich et al., 2011; 
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Latta et al., 2012a; Frierdich and Catalano, 2012a). Hinkle and Catalano (2015) found that 
phosphate suppressed Ni release and incorporation during iron oxide recrystallization while 
sulfate had no effect on Ni release but increased Ni incorporation into hematite and goethite. In 
trace metal-free systems, electron transfer between adsorbed Fe(II) and structural Fe(III) on iron 
oxide surfaces is not inhibited by the presence carbonate, phosphate, silicate, and natural organic 
matter (Latta et al., 2012b; Pasakarnis et al., 2015). In addition, natural organic matter partially 
inhibits atom exchange between dissolved Fe(II) and Fe(III) oxide minerals (Pasakarnis et al., 
2015), although the effect of this on metal cycling is unknown.  This demonstrates that the 
effects of common ligands on Fe(II)-catalyzed recrystallization varies, with uncertain impacts on 
the behavior of trace metal cycling at redox interfaces. 
Organic acids are abundant in soils and groundwater systems, being exuded by plant 
roots, bacteria, and fungi and produced during decomposition of organic matter (Fox and 
Comerford, 1990; McMahon and Chapelle, 1991; Marschner, 1995; Jones, 1998; Hongve et al., 
2000; Ganor et al., 2009). These ligands influence the fate and transport of trace metals through 
competitive and cooperative processes (Marschner, 1995; Filius et al., 1997; Buerge-Weirich et 
al., 2002; Buerge-Weirich et al., 2003; Ha et al., 2009). Oxalate, a small organic acid, strongly 
binds to metal ions and may affect metal fate through competitive adsorption, metal-oxalate 
aqueous complexation, and the formation of ternary complexes with trace metals on mineral 
surfaces (Filius et al., 1997; Buerge-Weirich et al., 2003; Ha et al., 2009; Flynn and Catalano, 
2017). Of specific relevance to the present work, oxalate suppresses Ni adsorption to hematite 
and goethite at pH 7 because the formation of strong Ni-oxalate aqueous complexes overwhelms 
the enhancement of adsorption from the formation of ternary surface complexes (Flynn and 
Catalano, 2017).  
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 Oxalate also induces ligand-promoted dissolution of iron oxides in both anoxic and oxic 
environments (Zinder et al., 1986; Suter et al., 1988; Loring et al., 2008; Gadol et al., 2017). 
Bidentate ligands, such as oxalate, adsorbs to Fe(III) sites on the mineral surface, weakening its 
bonds to neighboring atoms and releasing Fe(III)-oxalate complexes to solution (Suter et al., 
1988; Yanina and Rosso, 2008). Dissolved Fe(III)-oxalate complexes may then readsorb to the 
mineral surface (Loring et al., 2008), suggesting a possible route for mineral recrystallization in 
the absence of Fe(II) if such surface species then dissociate. Under aerobic conditions with Fe(II) 
absent, oxalate induced non-stoichiometric release of Ni from hematite and goethite to solution 
on timescales of 1-2 weeks, with release decreasing as pH increased from 3 to 7 (Gadol et al., 
2017). This behavior was attributed to oxalate-promoted iron oxide crystallization as Ni was 
released from the bulk structure to solution but Fe remained in the solid phase; such behavior 
cannot be produced solely by mineral dissolution. When Fe(II) and oxalate are present together, 
Fe(II) may catalyze ligand-promoted dissolution of iron oxides (Zinder et al., 1986; Suter et al., 
1988). Oxalate is hypothesized to act as an electron bridge between adsorbed Fe(II) and the iron 
oxide surface (Suter et al., 1988) or generate distinct electrical potentials on different surfaces, 
facilitating electron transfer through the mineral (Yanina and Rosso, 2008). These observations 
suggest that oxalate may affect trace metal fate at redox interfaces by both directly inducing 
recrystallization and by enhancing Fe(II)-promoted recrystallization.  
Here we explore the influence of oxalate on Ni cycling during Fe(II)-catalyzed 
recrystallization of hematite and goethite at acidic and neutral pH conditions. Kinetic 
experiments were conducted to determine how oxalate alters the extent and rate of release to 
solution of structurally bound Ni. Incorporation of Ni into hematite and goethite was also 
investigated in the presence and absence of oxalate, with the partitioning of Ni between 
49 
 
adsorbed, incorporated, and aqueous species determined using X-ray absorption near edge 
structure (XANES) spectroscopy and mass balance calculations. These observations were 
integrated to assess possible cooperative or competitive effects of dissolved Fe(II) and oxalate on 
Ni repartitioning between iron oxides and water.  
 
3.3 METHODS AND MATERIALS 
3.3.1 Minerals Synthesis and Characterization 
 Pure and nickel-substituted hematite and goethite (NiHem, and NiGoe, respectively) were 
prepared using previously described methods (Schwertmann and Cornell, 2000; Frierdich et al., 
2011). Briefly, hematite was synthesized by aging a solution of 0.19 M Fe(NO3)3·9H2O, 0.06 M 
KOH, and 0.35 M NaHCO3 at 98°C for five days. Goethite was prepared by heating a solution of 
0.05 M Fe(NO3)3·9H2O and 0.45 M KOH for 60 hours at 70°C. NiHem was created by slowly 
mixing 600 mL of a 0.198 M Fe(NO3)3·9H2O and 0.00396 M NiCl2 solution into 360 mL of 1 M 
NaOH. The solution was then buffered with 9.696 mL of 1 M 4-(2-Hydroxyethyl)-1-
piperazinepropanesulfonic acid (EPPS) and aged for eleven days at 98°C. NiGoe was 
synthesized by the addition of 125 mL of a solution containing 0.98 M Fe(NO3)3·9H2O and 0.02 
M NiCl2 to 225 mL of 5 M NaOH. The solution was immediately diluted to 1 L using deionized 
(DI) water (>18.2 MΩ cm) and reacted at 70°C for five days. Hematite and goethite were rinsed 
with DI water to remove excess electrolytes. NiHem and NiGoe were filtered and washed in 0.25 
M HCl for two hours to remove adsorbed Ni. The suspensions were then rinsed using DI water 
until a pH greater than 5 was reached. The minerals were suspended in DI water and stored in 
polypropylene bottles wrapped in aluminum foil. 
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 An aliquot of each mineral suspension was dried in air at 70°C for mineral 
characterization. Powder X-ray diffraction (XRD) was performed on a Bruker d8 Advance 
diffractometer using Cu Kα radiation and a LynxEve XE energy-dispersive strip detector to 
confirm mineralogy of the synthesized solids. Quantitative mineral compositions of NiHem and 
NiGoe were determined by solid digestion of 1 g/L of NiHem or NiGoe in 20% HNO3 and 5% 
HCl at 70°C until the mineral was completely dissolved. After the solution was cooled, it was 
filtered using a 0.22 μm MCE filter, and diluted to 2% HNO3. Dissolution stoichiometry was 
determined by reacting 10 mg NiHem or NiGoe with 100 mL of 4 M HCl at 70°C. Samples were 
collected periodically, filtered, diluted, and acidified to 2% HNO3. Ni and Fe concentrations for 
the solid digestion and dissolution stoichiometry of NiHem and NiGoe were determined using a 
Perkin-Elmer Optima 7300 DV inductively-coupled plasma optical emission spectrometer (ICP-
OES).      
 
3.3.2 Ni Release from Iron Oxides 
 Release of incorporated Ni from iron oxides through Fe(II)-promoted recrystallization 
and oxalate-promoted dissolution and recrystallization were studied in an anaerobic chamber 
(3% H2/97% N2) following the methods of Frierdich and Catalano (2012a). All stock solutions 
were made in the chamber using deoxygenated DI water, which was prepared by sparging with 
N2 gas. Trace oxygen levels were further lowered in the deoxygenated DI water in the anaerobic 
chamber using a two-stage bubbling system, with glovebox atmosphere first sparged through a 
15% pyrogallol/50% KOH solution to remove O2 and then sparged through DI water to hydrate 
the gas stream and prevent pyrogallal and KOH from contaminating the deoxygenated water; the 
effluents gas stream was then bubbled through the deoxygenated DI water. The mineral 
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suspensions were deoxygenated in the anaerobic chamber through a similar sparging technique. 
The dissolved oxygen content in the deoxygenated DI water and mineral suspensions was 
determined to be below detection limit (<2.5 μg L-1) based on a colorimetric assay using 
CHEMets test kit K-7540.  
Initially, six experimental systems were considered: no oxalate/no Fe(II), no oxalate/1 
mM Fe(II), 0.1 mM oxalate/no Fe(II), 0.1 mM oxalate/1 mM Fe(II), 1 mM oxalate/no Fe(II), and 
1 mM oxalate/1 mM Fe(II). In the 1 mM oxalate/1mM Fe(II) experiments, an Fe(II)-oxalate 
solid appeared to precipitate (see Results). Additional experimental systems containing 0.2 mM 
oxalate and 0.2 mM Fe(II) were conducted to study the behavior of Ni release below apparent 
supersaturation with respect to Fe(II)-oxalate. All kinetic experiments contained 1 g/L NiHem or 
NiGoe in 10 mM NaCl at pH 4 and 7 in the presence and absence of oxalate and Fe(II). A series 
of identical samples was prepared in 15 mL polypropylene tubes, with each serving as a single 
time point. The pH 7 systems also contained 1 mM 3-(N-morpholino)propanesulfonic acid 
(MOPS) buffer. The pH values of the samples were adjusted to within 0.1 unit of the target pH 
using NaOH or HCl. The time was recorded upon addition of the mineral suspension, initiating 
the kinetic experiment. The samples were rotated end-over-end in the dark, with individual 
samples removed and filtered at 1 hour, 6 hours, 24 hours, 48 hours, 72 hours, 5 days, 8 days, 
and 15 days. Triplicate 15 day samples were prepared to assess experimental variability. Samples 
were filtered using 0.22 μm MCE filters and the filtrate was acidified to 2% HNO3 (trace metal 
grade). Total dissolved Ni and Fe concentrations were then measured via ICP-OES. 
Experimental uncertainties were determined by adding in quadrature the average standard 
deviation of the triplicate 15 day samples with the standard deviation of the individual ICP-OES 
measurements for each system.  
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Ni release kinetics in these experiments were modeled using a second order rate law used 
in previous studies of Fe(II)-activated Ni release from iron oxides (Frierdich and Catalano, 
2012a; Hinkle and Catalano, 2015). Assuming such kinetic behavior, the time-dependent Ni 
concentration can be described as: 
[ܰ݅] = [ே௜]೐೜
మ௞೚್ೞ௧
ଵା[ே௜]೐೜௞೚್ೞ௧ + [ܰ݅]଴    (3.1) 
where [Ni] is the Ni concentration (μM) at time t (days), [Ni]0 is the Ni concentration at time 
zero (μM), which is interpreted as desorbable Ni, [Ni]eq is the steady-state Ni concentration (μM) 
generated by Ni release, and kobs is the pseudo-second order rate constant (μM/day). The rate at 
time zero (Frierdich and Catalano, 2012a) was also calculated as:  
ݎܽݐ݁௧ୀ଴ = [ܰ݅]௘௤ଶ݇௢௕௦    (3.2) 
 
3.3.3 Ni Incorporation into Iron Oxides 
The effect of oxalate on Ni incorporation into hematite and goethite was also investigated 
in the presence and absence of Fe(II). Solutions of 0.2 mM Ni, 10 mM NaCl, and 1 mM MOPS 
buffer were reacted with 1 g/L hematite or goethite at pH 7 for 30 days. A subset of samples also 
contained 0.2 mM oxalate, 0.2 mM Fe(II), or both. At the end of the reaction period, samples 
were filtered using reusable syringe filters with 0.22 μm MCE filter membranes. The filtrates 
were collected and acidified to 2% HNO3 for analysis of dissolved Ni and Fe concentrations via 
ICP-OES.  
To quantify Ni solid-phase speciation, the minerals collected as wet pastes on the 
membranes were retained for XANES measurements. Standards of NiHem, NiGoe, and Ni 
adsorbed to hematite and goethite in the presence and absence of oxalate were also examined.  
The adsorbed Ni standards were prepared at pH 7 in a solution containing 1 g/L goethite or 
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hematite, 10 mM NaCl, 1 mM MOPS buffer, and 0 mM or 1 mM oxalate. Initial dissolved Ni 
concentrations of 600 µM or 800 µM were used for the goethite and hematite standards, 
respectively, to obtain similar concentrations of adsorbed Ni in the presence and absence of 
oxalate, as determined in our previous work (Flynn and Catalano, 2017). The solids were again 
collected as wet pastes on filter membranes. All samples and standards on membranes were 
sealed between two layers of Kapton film, which were then sealed with Kapton tape. To 
maintain anoxic conditions and hydration, these assemblies were further sealed in polyethylene 
bags containing a damp Kimwipe.  
Fluorescence-yield XANES spectroscopy measurements were completed at the Advanced 
Photon Source (Argonne National Laboratory, Chicago, IL) at beamline 12-BM-B. A Si (111) 
fixed-exit double-crystal monochromator was used to select the incident beam energy. The 
second crystal of the monochromator was detuned by 30% to reduce the harmonic content of the 
incident X-ray beam. Toroidal and flat mirrors were used to further reduce beam harmonics and 
to focus the beam to <1 mm2. The energy was calibrated by setting the first inflection point in the 
spectrum of Ni metal foil to 8333 eV. Ni K-edge spectra were collected using two Vortex ME4 
detectors (four-element energy-dispersive silicon drift detectors).  
Normalized XANES spectra of the samples were processed using Athena (Ravel and 
Newville, 2005). NiHem, NiGoe, and the adsorbed Ni standards were used as end members for 
linear combination fitting (LCF) of the samples, which determined the fractions of solid-
associated Ni that were incorporated and adsorbed. Ni concentrations determined by ICP-OES 
were used to determine the fraction of Ni in solution and in the solid phase. The fraction of Ni 
adsorbed and incorporated were then scaled by the total fraction of Ni in the solid to determine 
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the three component speciation. The percent of adsorbed, incorporated, and dissolved Ni in the 
systems were calculated by mass balance using these fractions and the total Ni in the system.  
 
3.4 RESULTS AND DISCUSSION 
3.4.1 Characterization of Ni-substituted Iron Oxides  
Two batches of NiHem and NiGoe were synthesized and used in this study because of a 
substantial time gap between sets of experiments. Batch 1 of NiHem and NiGoe were used for 
the initial Ni release experiments using 0.1 mM and 1 mM oxalate and 1 mM Fe(II), whereas 
batch 2 minerals were used for the Ni release experiments using 0.2 mM oxalate and Fe(II) 
concentrations. All minerals were confirmed to be single phase by XRD (Figure A3.1). The Ni 
content of NiHem and NiGoe were, respectively, 1.9 mol.% and 1.0 mol.% for batch 1, and 1.7 
mol.% and 1.0 mol.% for batch 2. Fractional acid dissolution of the minerals was near congruent 
with a slight enrichment of Ni in the rim (Figure A3.2). The Ni contents and distribution of Ni 
indicated by fractional dissolution are consistent with prior syntheses (Frierdich and Catalano, 
2012a; Hinkle and Catalano, 2015; Gadol et al., 2017). 
 
3.4.2 Release of Structurally Incorporated Ni from Iron Oxides 
Fe(II)-Promoted Ni Release 
To determine how oxalate alters Fe(II)-promoted Ni release from NiHem and NiGoe, 
time-dependent release experiments were conducted in the presence and absence of oxalate and 
Fe(II) at pH 4 and 7 (Figure 3.1). Fe(II)-promoted recrystallization resulted in substantial 
dissolved Ni concentrations at pH 7 with 13% and 3% of the incorporated Ni released from 
NiGoe and NiHem at equilibrium, respectively. The final dissolved Ni concentrations and rates  
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Figure 3.1: Time-dependent Ni release from NiGoe and NiHem at pH 4 and pH 7 in the 
presence and absence of oxalate and Fe(II). Second order kinetic fits were completed when 
possible (solid lines). Batch 1 or batch 2 of mineral syntheses are denoted by -1 or -2 in the 
legends. Uncertainties in measurements smaller than the symbols are not shown. 
 
of release (Table A3.1) are similar to previous work which identified greater Ni release from 
NiGoe than NiHem (Frierdich et al., 2011; Frierdich and Catalano, 2012a; Hinkle and Catalano, 
2015). At pH 4, the presence of 1 mM Fe(II) had no significant effect on the Ni release, with the 
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initial rates of release (ratet=0) and [Ni]eq values statistically indistinguishable in the presence and 
absence of Fe(II). Aqueous Fe concentrations were approximately constant for the reaction 
period and resulted solely from the added dissolved Fe(II) (Figures A3.3 & A3.4). The observed 
Fe(II)-promoted Ni release at pH 7 and background Ni release at pH 4 agree with prior results, 
with the former attributed to Fe(II)-catalyzed recrystallization and the latter to apparent proton-
promoted recrystallization (Frierdich and Catalano, 2012a).   
 
Oxalate-Promoted Ni Release 
The addition of oxalate enhanced Ni release in the absence of Fe(II) above background 
levels, with a larger effect at pH 4 than pH 7 (Figure 3.1). This is consistent with previous work 
demonstrating the pH-dependence of oxalate-promoted Ni release from iron oxides (Gadol et al., 
2017). Increasing concentrations of oxalate led to greater total Ni release and faster initial release 
rates (Table A3.1). The addition of oxalate had a greater effect on Ni release from NiHem than 
NiGoe, in contrast to Fe(II) which enhanced release from NiGoe to a greater extent than from 
NiHem.  
Fe concentrations were below detection limit for all experiments at pH 7 but increased 
with time in the presence of 1 mM oxalate at pH 4 (Figure A3.3). This reflects the increased 
solubility of goethite and hematite at pH 4 (Table A3.2) that results from formation of aqueous 
Fe(III)-oxalate complexes (Zinder et al., 1986; Suter et al., 1988). Thermodynamic calculations 
(see Appendix) showed that more than 48% and 99% of dissolved Ni and Fe(III), respectively, 
were complexed by oxalate in these experiments (Table A3.3). While net dissolution occurred, 
this was non-stoichiometric as the dissolved Fe:Ni ratios throughout the experiments were less 
than 12:1 for NiHem and 10:1 for NiGoe at pH 4, well below the Fe:Ni ratio of the minerals 
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(53:1 and 96:1 for NiHem and NiGoe, respectively). This behavior at pH 4 can also be extended 
to pH 7 where Fe concentrations were below detection limit (3 µM) and Fe:Ni ratios cannot be 
calculated but must be <3. These observations are consistent with the results of Gadol et al. 
(2017) and further demonstrate Ni release via oxalate-promoted iron oxide recrystallization. 
 
Ni Release in Mixed Fe(II)-Oxalate Systems 
 The co-addition of oxalate and Fe(II) generally increased the rate of Ni release from iron 
oxides compared to systems containing only one dissolved species (Figure 3.1). The addition of 
0.1 mM oxalate to systems also containing 1 mM Fe(II) display an enhanced extent of Ni release 
at pH 7 for both minerals (Table A3.1). However, 1 mM oxalate together with 1 mM Fe(II) 
substantially decreases Ni release from NiGoe compared to oxalate-free conditions. While 
similar conditions produce a slight increase in release from NiHem compared to the oxalate-free 
system, 0.1 mM oxalate causes a greater enhancement than 1 mM oxalate. 
 At pH 4, enhancement of Ni release by 0.1 mM oxalate was independent of the presence 
of dissolved Fe(II) for both NiGoe and NiHem, with Fe(II) producing no statistically meaningful 
effect, i.e., Ni release appears to be solely affected by oxalate. In contrast, co-addition of both 1 
mM dissolved Fe(II) and 1 mM oxalate showed an initial rise in dissolved Ni concentrations 
followed by a decline after day two or three for NiGoe and NiHem, respectively. This 
phenomenon clearly could not be described by the second order rate law that well models the 
other experiments (Table A3.1). The observed behavior indicates that Ni released during mineral 
recrystallization is later taken out of the solution by a secondary process. 
The dissolved Fe concentrations provide additional insight into unexpected Ni release 
behavior in these mixed systems. For experiments at pH 4 with 0.1 mM oxalate and 1 mM Fe(II), 
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the total dissolved Fe concentration behaved similarly to the oxalate-free system that contained 1 
mM Fe(II), with total dissolved Fe remaining relatively constant during the 15 days of the study. 
Colorimetric analysis using the ferrozine method (Stookey, 1970; Viollier et al., 2000) showed 
that  88-100% of dissolved Fe was Fe(II), indicating that little of this was from iron oxide 
dissolution. This is consistent with the calculated low solubility of the minerals in the presence of 
0.1 mM oxalate. However, for the experiments with 1 mM oxalate and Fe(II), there is a 
substantial decline in dissolved Fe concentrations starting around day two (Figure A3.3), 
coincident with the decline in Ni concentration. A similar decline in dissolved Fe is observed at 
pH 7 for NiGoe but not for NiHem. These declines in Fe concentration in the presence of 1 mM 
oxalate suggests that a new mineral phase may be precipitating.  
To identify the possible precipitate, the experiments with 1 mM oxalate, 1 mM Fe(II), 
and NiGoe were repeated at both pH 4 and 7 for 15 days with a larger volume to provide enough 
solids for analysis by XRD. After the reaction period, the solids were collected using vacuum 
filtration and dried in a vacuum dessicator at room temperature in the anaerobic chamber. 
Additional peaks were present in the XRD patterns of the reacted NiGoe (Figure A3.5) and 
correspond to β-iron(II) oxalate dihydrate, a polymorph of the mineral humboldtine (Deyrieux 
and Peneloux, 1969; Deyrieux and Peneloux, 1970). Rietveld refinement of the XRD patterns 
identified that the reacted NiGoe samples contained up to 5% and 9% of β-iron oxalate dihydrate 
at pH 4 and 7, respectively. This demonstrates that β-iron(II) oxalate dihydrate precipitation is 
responsible for the observed drop in Fe concentration in experiments with 1 mM oxalate and 
Fe(II). The rising and falling Ni concentrations seen at pH 4 suggest that Ni released from NiGoe 
and NiHem is being adsorbed onto or incorporated into this unexpected precipitate. A similar 
effect may occur at pH 7 for NiGoe, explaining the apparent inhibition of Ni release, but operates 
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at different rates that produce Ni concentrations that increase with time.  Dissolved Fe 
concentrations (Figure A3.4) indicate that iron oxalate dihydrate did not precipitate at pH 7 for 
NiHem and the decline in Ni release for the experiment with 1 mM oxalate compared to that 
with 0.1 mM oxalate may be due instead to the oxalate complexing Fe(II) in solution, reducing 
its interaction with the iron oxide surface. 
 
Revisiting Effects of Oxalate and Fe(II) Concentrations on Ni Release 
A second set of experiments was conducted to explore the effects of equal concentrations 
of oxalate and Fe(II) on Ni release from goethite and hematite without inducing Fe(II)-oxalate 
precipitation. These employed 0.2 mM oxalate and 0.2 mM Fe(II) as these concentrations yield a 
saturation index lower than the 0.1 mM oxalate/1 mM Fe(II) experiments where no precipitation 
was observed (Figure 3.1). These new experiments utilized a new preparation of NiHem and 
NiGoe (batch 2) to prevent artifacts from prolonged aging of suspensions of these minerals, and 
Fe(II)-free and oxalate-free conditions were revisited for comparison purposes. 
The oxalate-free 0.2 mM Fe(II) samples resulted in final Ni concentrations that were 
similar to the 1 mM Fe(II) experiments, except for NiGoe at pH 7 which resulted in lower 
(~30%) Ni release, consistent with the dependence on Fe(II) concentration previously observed 
(Frierdich and Catalano, 2012a). 0.2 mM oxalate in the absence of Fe(II) increased Ni release at 
pH 4 and 7, consistent with the initial experiments using 0.1 mM and 1 mM oxalate. Ni release 
from 0 to 5 days was approximately the same between the 0.2 mM oxalate and 1 mM oxalate 
conditions with the ratet=0 comparable as well (Table A3.4). At pH 4, total Ni release was lower 
in the 0.2 mM oxalate series than the 1 mM oxalate with the [Ni]eq approximately 50% that of 
the 1 mM oxalate condition (Table A3.4). Total dissolved Fe at pH 4 (Figure A3.3) also followed 
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similar trends as for 1 mM oxalate, increasing with time from net dissolution but with non-
stoichiometric Fe:Ni ratios: 4.5:1 for NiHem and 3.3:1 for NiGoe.   
As anticipated, co-addition of 0.2 mM oxalate and 0.2 mM Fe(II) did not result in 
precipitation as Fe concentrations remained stable over the reaction period (Figures A3.3 & 
A3.4). The ratet=0 increased in the mixed oxalate and Fe(II) experiments compared to the systems 
containing only one species for both minerals at pH 7. Total Ni release is greater at pH 7 for 
NiGoe and at pH 4 for NiHem, which is consistent with what was found in the earlier study. 
Overall, oxalate enhances Ni release compared to when only Fe(II) is present.  
To evaluate possible inhibitory or synergistic effect on Ni release from the co-addition of 
oxalate and Fe(II), the second order kinetic fits to these experiments were compared to 
calculations of the sum of kinetic terms obtained from the oxalate-only and Fe(II)-only 
experiments (Figure A3.6). The calculations suggest that the impact of Fe(II)-oxalate interactions 
vary with pH and mineralogy. In the presence of both oxalate and Fe(II), Ni release from NiGoe 
was synergistic at pH 7 (i.e., the sum of the independent effects by oxalate and Fe(II) was less 
than the combined effect from co-addition). In contrast, release behavior from NiHem at pH 7 
was largely additive in nature. At pH 4 for both minerals, interactions of oxalate and Fe(II) 
appear to inhibit the release of Ni (i.e., the predicted sum of the individual effects was greater 
than the observed combined effect), with more substantial inhibition for NiGoe. 
 
3.4.3 Incorporation of Ni into Iron Oxides 
 In addition to the Ni release experiments, the process of Ni incorporation into pure 
hematite and goethite at pH 7 in the presence and absence of 0.2 mM oxalate and 0.2 mM Fe(II) 
was also investigated. As in prior studies, this incorporation was investigated after a long aging  
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Figure 3.2:  Ni K-edge XANES spectra (black dots) and LCF fits (red lines) of solid-associated 
Ni for hematite (A) and goethite (B). LCF fits were determined using Ni incorporated and 
adsorption standards (Figure A3.8). Spectra include (a) no oxalate, no Fe(II), (b) 0.2 mM oxalate, 
no Fe(II), (c) no oxalate, 0.2 mM Fe(II), and (d) 0.2 mM oxalate, 0.2 mM Fe(II).     
 
time (30 days) as little to no incorporation is observed on shorter timescales (Frierdich et al., 
2011). pH 4 was not explored because Ni adsorption is unfavorable and subsequent incorporation 
into iron oxide minerals is not expected. Comparison of the XANES spectra of iron oxides 
reacted with dissolved Ni in the presence of Fe(II) with spectra of Ni adsorbed to and 
incorporated into iron oxides showed three isosbestic points (Figure A3.7), indicating a mixture 
of adsorbed and incorporated Ni, consistent with prior work (Frierdich et al., 2011). Linear 
combination fitting (LCF) was thus employed to quantify the solid-phase Ni speciation, with all 
sample spectra well reproduced as a mixture of Ni-substituted and Ni-adsorbed iron oxides 
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(Figure 3.2). Two sets of adsorbed Ni standards were used, one containing oxalate, the other 
without, as the Ni XANES spectra for these two conditions differs slightly (Figure A3.8), likely 
because of Ni-oxalate ternary surface complexation (Flynn and Catalano, 2017). The fitting 
results quantified only the speciation of solid-associated Ni, with an additional fraction 
remaining in aqueous solution. Mass balance calculations were thus used to determine the 
percentage of Ni in each experiment that adsorbed, incorporated, and remained dissolved by 
integrating the aqueous Ni concentrations of the filtrate determined by ICP-OES and the solid-
phase Ni speciation determined by LCF fitting of the XANES spectra (Table 3.1).  
At pH 7 in the absence of oxalate and Fe(II), 43% of Ni is associated with hematite but 
only 2% is incorporated. While there is less solid-associated Ni for goethite (32%), half of this is 
incorporated in the mineral after aging. The presence of oxalate in Fe(II)-free experiments had a 
statistically insignificant effect on Ni incorporation or overall uptake except for slightly 
enhancing Ni removal from solution by goethite. Addition of Fe(II) in the absence of oxalate  
 
Table 3.1: Ni speciation determined by ICP-OES and linear combination fitting of XANES 
spectra of Ni incorporation experiments with goethite and hematite in the presence and absence 
of 0.2 mM oxalate and 0.2 mM Fe(II). 
Experimental Condition % adsorbeda % incorporated % aqueous 
Hematite    
0 mM Oxalate, 0 mM Fe(II) 41(3)b 2(1) 57(3) 
0.2 mM Oxalate, 0 mM Fe(II) 39(3) 3(1) 58(2) 
0 mM Oxalate, 0.2 mM Fe(II) 31(2) 7(1) 62.0(9) 
0.2 mM Oxalate, 0.2 mM Fe(II) 36(2) 4(1) 60(2) 
Goethite    
0 mM Oxalate, 0 mM Fe(II) 16(4) 16(2) 68(3) 
0.2 mM Oxalate, 0 mM Fe(II) 18(3) 19(2) 63(2) 
0 mM Oxalate, 0.2 mM Fe(II) 10(3) 20(2) 70(2) 
0.2 mM Oxalate, 0.2 mM Fe(II) 14(2) 17(1) 68(1) 
a Calculated using final aqueous Ni concentrations determined by ICP-OES and LCF XANES 
spectral fits. b Statistical uncertainties in the last digit are reported in parenthesis at the 68% 
confidence level. 
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increased Ni incorporation by 5 ± 1% and 4 ± 3% and decreased Ni adsorption by 10 ± 5% and 6 
± 5% for hematite and goethite, respectively, compared to the Fe(II)-free system. The 
percentages of  Ni that are incorporated are comparable with previous work in which the percent 
of Ni incorporation is greater for goethite than hematite and that 9-10% of Ni is incorporated in 
the presence of 0.2 mM Fe(II) over 82 days (Frierdich et al., 2011). The slight variations between 
the present and prior results may be due to the different aging times or pH values, as Frierdich et 
al. (2011) conducted experiments at pH 7.5 where Ni adsorption is greater.  
When 0.2 mM oxalate and Fe(II) are present together in the systems, Ni incorporation is 
suppressed compared to Fe(II) systems: 4 ± 1% (mixed) versus 7 ± 1% (only Fe(II)) for hematite 
and 17 ± 1% (mixed) versus 20 ± 1% (only Fe(II)) for goethite. Although Ni incorporation 
decreased in the presence of oxalate, solid-associated Ni was redistributed as adsorbed species 
and total uptake was little changed. This increased adsorption may result from the formation of 
Ni-oxalate ternary surface complexes (Flynn and Catalano, 2017), possibly inhibiting Ni 
incorporation. 
 
3.4.4 Mechanisms of Oxalate Impacts on Trace Metal Cycling 
 These observations suggest that at acidic and neutral conditions, oxalate may compete 
with the mineral surface to bind Ni and promote recrystallization of iron oxides in the presence 
and absence of Fe(II), enhancing Ni availability. Oxalate largely increases Ni release from iron 
oxides in the absence of Fe(II), with greatest impact at acidic conditions, in agreement with 
previous work (Gadol et al., 2017). Ni release in the presence of oxalate is non-stoichiometric, 
suggesting that a substantial fraction of Fe(III) released by oxalate-promoted dissolution (Suter et 
al., 1988; Loring et al., 2008; Yanina and Rosso, 2008) readsorbs to the mineral surface, causing 
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new mineral growth while Ni is retained in solution (Gadol et al., 2017). Whereas Ni 
incorporation could occur at sites of mineral growth in oxalate-bearing systems, our experiments 
show that Ni incorporation is instead suppressed by the presence of oxalate. This is likely the 
results of both soluble Ni-oxalate complexes inhibiting Ni binding to the mineral and Ni-oxalate 
ternary surface complexes stabilizing Ni on the surface in a form difficult to incorporate (Flynn 
and Catalano, 2017).   
Whereas it has been established that Fe(II)-catalyzed recrystallization of iron oxides 
results in trace metal release and incorporation (Frierdich et al., 2011; Latta et al., 2012a; 
Frierdich and Catalano, 2012a), these new experiments suggest that organic acids alter the rate of 
such metal cycling at redox interfaces where recrystallization occurs. Our observations show that 
the effect of oxalate on Fe(II)-promoted Ni release appears to be synergistic or additive at pH 7 
but inhibitory at pH 4. At pH 7, oxalate may enhance Fe(II) adsorption by altering mineral 
surface charge, which would favor greater metal release (Frierdich and Catalano, 2012a), but 
also may suppress Ni incorporation (and reincorporation following release) by forming soluble 
Ni-oxalate complexes (Table A3.3). At pH 4, Ni behavior is largely controlled by the presence of 
oxalate, which forms soluble Fe(III)-oxalate complexes whose readsorption may induce 
recrystallization.  The inhibitory effects seen in mixed Fe(II)-oxalate systems at pH 4 may result 
from Fe(II) competition for oxalate, reducing the amount of mobile Fe(III)-oxalate complexes 
(Loring et al., 2008), or from surface site competition inhibiting oxalate promoted dissolution or 
the readsorption of Fe(III)-oxalate complexes. 
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3.4.5 Implications for Trace Metal Cycling and Availability 
 In soils, sediments, and aquatic environments, trace metals may be structurally 
incorporated in iron oxides and trace metal fate is often controlled by the ability to extract the 
metal from iron oxides (Singh and Gilkes, 1992; Brown and Parks, 2001; Waychunas et al., 
2005; Latta et al., 2012a). This study demonstrates that organic acids, such as oxalate, may 
substantially alter trace metal cycling through iron oxides via ligand-promoted dissolution and 
recrystallization. In addition, we show that organic acids also affect Fe(II)-mediated 
recrystallization and associated trace metal cycling, with the behavior dependent on pH. The 
presence of oxalate, and other organic acids, may enhance micronutrient availability, inhibit 
contaminant sequestration, and destabilize trace metals associated with iron oxides in sediments. 
While many studies of Fe(II)-catalyzed recrystallization have been conducted in the lab, 
Tishchenko et al. have shown that this process may occur in natural soils and sediments 
(Tishchenko et al., 2015). However, it has been suggested that the presence of certain ions and 
organic matter adsorbed to the mineral surface may inhibit recrystallization and the effect this 
process has on metal availability may depend on a soil’s mineralogy (Latta et al., 2012a; 
Tishchenko et al., 2015). Here we show that oxalate-promoted dissolution and recrystallization 
enhances release of Ni from its incorporation in minerals in the presence and absence of Fe(II). 
Oxalate also forms soluble complexes with Ni in solution, inhibiting adsorption and limiting 
incorporation (Flynn and Catalano, 2017). The mechanisms identified here may be relevant for 
other trace metals, as iron oxide recrystallization has been shown to promote the release of 
several metals (Frierdich and Catalano, 2012a; Frierdich and Catalano, 2012b) that are known to 
form complexes with oxalate (Buerge-Weirich et al., 2003; Ha et al., 2009), and may also inhibit 
the reincorporation of metals. The net effects of oxalate thus likely increase the bioavailability of 
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essential micronutrients for microorganisms and plants in both oxic environments and at redox 
interfaces.  
The complex interactions of Fe(II) and oxalate with iron oxides may also alter the 
availability of Ni for use in the enzymatic pathways of methanogenesis. In environments where 
iron oxides host substantial Ni, methane production may be limited by low Ni availability as this 
micronutrient is essential to all enzymatic routes to methane (Glass and Orphan, 2012). As seen 
in this study, in the presence of oxalate Ni release is enhanced and incorporation is suppressed, 
and such conditions could favor enhanced methane production as Ni availability increases. 
However, studies have not confirmed if methanogenic microbes can take up Ni from soluble 
metal-organic complexes (Jansen et al., 2005; Glass and Orphan, 2012). Future studies are 
needed to explore whether Ni-oxalate complexes are bioavailable to methanogens. 
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3.6 APPENDIX 
3.6.1 Thermodynamic Calculations of Mineral Solubility and Aqueous Complexes 
Mineral solubility in the presence and absence of oxalate were determined using The 
Geochemist’s Workbench (Bethke, 2007) and accompanying Visual MINTEQ database 
(Gustafsson, 2012). Solubility for hematite and goethite at pH 4 and 7 in 0.01 M NaCl solution 
and 0 mM, 0.1 mM, 0.2 mM, or 1 mM oxalate are reported below (Table A3.2).  Abundances of 
aqueous Ni-oxalate, Fe(II)-oxalate, and Fe(III)-oxalate complexes in the Ni release experiments 
were also calculated using The Geochemist’s Workbench. Each calculation involved a system 
containing the average final dissolved Ni concentration at day 15 in a 0.01 M NaCl fluid with the 
pH fixed at 4 or 7. Oxalate concentrations were set to 0 mM, 0.1 mM, 0.2 mM, or 1 mM. Total 
dissolved Fe(II) was set to 0.2 mM or 1 mM and Fe(III) solubility was controlled by equilibrium 
with hematite or goethite. Other potential mineral phases were suppressed (i.e., magnetite, 
Fe(OH)2.7Cl0.3, and hematite or goethite depending on conditions). Aqueous oxalate complexes 
were summed for each metal and the percent of metal complexed by oxalate were determined 
(Table A3.3).  
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3.6.2 Supporting Figures and Tables 
 
 
Figure A3.1: X-ray diffraction patterns for pure and Ni-substituted hematite (A) and goethite 
(B). Batch 1 and 2 of the mineral syntheses are denoted as -1 and -2.  
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Figure A3.2: Fraction of Ni and Fe dissolved during stoichiometric dissolution of Ni substituted 
goethite and hematite. Batch 1 and 2 of mineral syntheses are denoted by -1 or -2. The solid line 
represents 1:1 dissolution.  
 
  
71 
 
 
 
Figure A3.3:  Dissolved Fe concentrations for the Ni release experiments from NiGoe and 
NiHem in the presence and absence of oxalate and Fe(II) at pH 4. The use of batch 1 and batch 2 
of the mineral syntheses is denoted by -1 or -2 in the legends. Uncertainties in measurements 
smaller than the symbols are not shown. The detection limit is portrayed by a dashed line in the 
Fe(II)-free plots.  
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Figure A3.4: Dissolved Fe concentrations for the Ni release experiments from NiGoe and 
NiHem in the presence of oxalate and Fe(II) at pH 7. The use of batch 1 and batch 2 of the 
mineral syntheses is denoted by -1 or -2 in the legends. Uncertainties in measurements smaller 
than the symbols are not shown. The Fe concentrations for samples in the absence of Fe(II) are 
not shown as they were below detection limit. 
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Figure A3.5: X-ray diffraction patterns for NiGoe before and after reaction with 1 mM oxalate 
and 1 mM Fe(II) for 15 days at pH 4 and 7. The diffraction pattern for β-iron oxalate dihydrate 
was calculated from the crystal structure in Deyrieux & Peneloux (1969). 
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Figure A3.6: Calculated second order kinetic curves for Ni release from NiGoe (A,B) and 
NiHem (C,D) in the presence of 0.2 mM oxalate and 0.2 mM Fe(II) conditions at pH 4 (A,C) and 
pH 7 (B,D). Solid black lines are calculations derived from the second order kinetic model fits to 
the experiments with co-addition of 0.2 mM oxalate and Fe(II) while the dashed red lines are 
calculated using [Ni]0 values for the corresponding experiments plus a sum of the second order 
kinetic terms from the systems containing only 0.2 mM oxalate or 0.2 mM Fe(II).  
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Figure A3.7: Ni K-edge XANES spectra comparison of solid-associated Ni in the presence of 
0.2 mM Fe(II) with Ni speciation end members (i.e., Ni incorporated in and Ni adsorbed on Fe 
oxides).  
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Figure A3.8: XANES spectra of standards used for linear combination fitting of XANES spectra 
for hematite (A) and goethite (B): Ni adsorbed in the absence of oxalate (a), Ni adsorbed in the 
presence of oxalate (b), and Ni substituted hematite or goethite (c). 
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Table A3.1: Fitting parameters for Ni release from Ni substituted iron oxides (batch 1) in the 
presence and absence of oxalate and Fe(II) at pH 4 and 7. 
Experimental Condition [Ni]0 
(µM) 
[Ni]eq 
(µM) 
kobs 
(µmol/(L*day))
ratet=0 R-factora
Ni-Hematite, pH 7      
0 mM Oxalate, 0 mM Fe(II) 0.9(1) 1.0(4)b 0.13(2) 0.1(3) 0.08 
0.1 mM Oxalate, 0 mM Fe(II) 1.06(8) 2.1(2) 0.09(3) 0.4(2) 0.03 
1 mM Oxalate, 0 mM Fe(II) 1.3(1) 3.0(2) 0.11(3) 0.9(3) 0.04 
0 mM Oxalate, 1 mM Fe(II) 1.4(2) 4.9(4) 0.06(2) 1.4(5) 0.05 
0.1 mM Oxalate, 1 mM Fe(II) 2.0(3) 6.8(5) 0.04(1) 1.9(6) 0.04 
1 mM Oxalate, 1 mM Fe(II) 1.2(2) 5.8(3) 0.08(2) 2.7(7) 0.03 
Ni-Hematite, pH 4      
0 mM Oxalate, 0 mM Fe(II) 1(1) 3(1) 1(1) 6(11) 0.16 
0.1 mM Oxalate, 0 mM Fe(II) 3.0(5) 4.7(4) 0.08(3) 1.7(8) 0.03 
1 mM Oxalate, 0 mM Fe(II) 3.6(8) 15(4) 0.007(6) 2(2) 0.07 
0 mM Oxalate, 1 mM Fe(II) 2.1(1) 3.7(6) 0.03(2) 0.4(3) 0.02 
0.1 mM Oxalate, 1 mM Fe(II) c 2(1) 4(1) 0.3(5) 4(6) 0.15 
1 mM Oxalate, 1 mM Fe(II) c --- --- --- --- --- 
Ni-Goethite, pH 7      
0 mM Oxalate, 0 mM Fe(II) c --- --- --- --- --- 
0.1 mM Oxalate, 0 mM Fe(II) c --- --- --- --- --- 
1 mM Oxalate, 0 mM Fe(II) 1.5(1) 1.9(4) 0.07(6) 0.2(2) 0.04 
0 mM Oxalate, 1 mM Fe(II) 2.1(3) 9.7(5) 0.030(7) 2.8(8) 0.03 
0.1 mM Oxalate, 1 mM Fe(II) 1.9(2) 11.1(3) 0.021(2) 2.6(3) 0.02 
1 mM Oxalate, 1 mM Fe(II) 2.4(3) 4.8(4) 0.07(3) 1.6(7) 0.04 
Ni-Goethite, pH 4      
0 mM Oxalate, 0 mM Fe(II) 2.5(2) 4(4) 0.01(3) 0.2(5) 0.04 
0.1 mM Oxalate, 0 mM Fe(II) 2.4(1) 4.1(2) 0.05(1) 0.9(3) 0.02 
1 mM Oxalate, 0 mM Fe(II) 2.8(2) 12(1) 0.006(2) 1.0(4) 0.03 
0 mM Oxalate, 1 mM Fe(II) 2.4(2) 4.8(1) 0.02(2) 0.4(4) 0.04 
0.1 mM Oxalate, 1 mM Fe(II) 2.9(2) 3.8(5) 0.04(2) 0.6(3) 0.03 
1 mM Oxalate, 1 mM Fe(II) c --- --- --- --- --- 
a A goodness of fit parameter that is the sum of differences between the data and the model fit at 
each data point divided by the sum of the data at each corresponding point. Smaller R-factors 
represent better fits. b Statistical uncertainties in the last digit are reported in parentheses at the 
95% confidence level. c Psuedo second order rate kinetics could not be determined.  
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Table A3.2: Calculated hematite and goethite solubility in the presence and absence of oxalate at 
pH 4 and 7. 
Oxalate 
Concentration 
Solubility at pH 4 
(mol/L) 
Solubility at pH 7 
(mol/L) 
Hematite   
0 mM Oxalate 3.41x10-11 1.96x10-14 
0.1 mM Oxalate 5.31x10-7 2.49x10-14 
0.2 mM Oxalate 2.90x10-6 5.64x10-14 
1 mM Oxalate 7.30x10-5 4.06x10-14 
Goethite   
0 mM Oxalate 6.03x10-5 6.22x10-13 
0.1 mM Oxalate 9.22x10-6 7.89x10-13 
0.2 mM Oxalate 2.99x10-5 1.79x10-12 
1 mM Oxalate 2.61x10-4 1.29x10-10 
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Table A3.3: Extent of Ni(II), Fe(II), and Fe(III) complexation by oxalate in solution for the Ni 
release experimental conditions. 
Experimental Condition Sum of Me-oxalate 
complexes 
Percent of Me 
complexed 
 Ni-
oxalat
ea  
(µM) 
Fe(II)-
oxalat
e 
(µM) 
Fe(III)-
oxalateb 
(µM) 
 
Ni 
(%) 
 
Fe(II) 
(%) 
 
Fe(III) 
(%) 
Ni-Hematite, pH 7       
0.1 mM Oxalate, 0 mM Fe(II) 2.27 --- 9.71x10-9 87.0 --- 19.8 
0.2 mM Oxalate, 0 mM Fe(II) 3.92 --- 6.85 x10-8 93.9 --- 63.5 
1 mM Oxalate, 0 mM Fe(II) 3.72 --- 7.75 x10-6 99.3 --- 99.5 
0.1 mM Oxalate, 1 mM Fe(II) 4.17 72.8 2.09 x10-10 55.9 7.28 0.524 
0.2 mM Oxalate, 0.2 mM Fe(II) 5.99 64.5 2.05 x10-8 90.0 32.3 34.2 
1 mM Oxalate, 1 mM Fe(II) 6.23 578 5.04 x10-7 97.2 57.8 92.7 
Ni-Hematite, pH 4      
0.1 mM Oxalate, 0 mM Fe(II) 5.02 --- 0.927 71.8 --- 100 
0.2 mM Oxalate, 0 mM Fe(II) 9.06 --- 5.11 83.6 --- 100 
1 mM Oxalate, 0 mM Fe(II) 12.8 --- 143 95.2 --- 100 
0.1 mM Oxalate, 1 mM Fe(II) 3.38 57.0 0.112 49.1 5.70 99.9 
0.2 mM Oxalate, 0.2 mM Fe(II) 8.18 38.2 3.01 80.2 19.1 100 
1 mM Oxalate, 1 mM Fe(II) 4.33 391 60.7 92.9 39.1 100 
Ni-Goethite, pH 7       
0.1 mM Oxalate, 0 mM Fe(II) 1.21 --- 1.59 x10-7 87.2 --- 20.4 
0.2 mM Oxalate, 0 mM Fe(II)  1.53 --- 1.13 x10-6 94.0 --- 64.5 
1 mM Oxalate, 0 mM Fe(II) 2.76 --- 1.23 x10-4 99.3 --- 99.5 
0.1 mM Oxalate, 1 mM Fe(II) 5.84 71.6  3.17x10-9 55.4 7.16 0.500 
0.2 mM Oxalate, 0.2 mM Fe(II) 8.68 63.7 3.08 x10-7 89.8 31.8 33.0 
1 mM Oxalate, 1 mM Fe(II) 6.33 578 7.98 x10-6 97.2 57.8 92.7 
Ni-Goethite, pH 4       
0.1 mM Oxalate, 0 mM Fe(II) 3.75 --- 8.56 67.0 --- 100 
0.2 mM Oxalate, 0 mM Fe(II) 5.68 --- 28.4 76.8 --- 100 
1 mM Oxalate, 0 mM Fe(II) 8.53 --- 258 88.6 --- 100 
0.1 mM Oxalate, 1 mM Fe(II) 2.68 55.3 1.65 48.3 5.53 99.9 
0.2 mM Oxalate, 0.2 mM Fe(II) 6.43 29.7 21.6 74.5 14.8 100 
1 mM Oxalate, 1 mM Fe(II) 5.64 258 179 86.4 25.8 100 
a Dissolved Ni concentrations were set to the Ni concentrations at 15 days for each condition. 
bTotal dissolved Fe(III) concentrations were controlled by the iron oxide solubility.  
  
  
80 
 
Table A3.4: Fitting parameters for Ni release from Ni substituted iron oxides (batch 2) in the 
presence and absence of 0.2 mM oxalate and 0.2 mM Fe(II) at pH 4 and 7. 
Experimental Condition [Ni]0 
(µM) 
[Ni]eq 
(µM) 
kobs 
(µmol/(L*day))
ratet=0 R-factora
Ni-Hematite, pH 7      
0 mM Oxalate, 0 mM Fe(II) 1.6(1)b 1(5) 0.0(2) 0.0(4) 0.06 
0.2 mM Oxalate, 0 mM Fe(II) 1.6(2) 6(3) 0.01(1) 0.3(5) 0.06 
0 mM Oxalate, 0.2 mM Fe(II) 2.2(2) 6(3) 0.01(1) 0.3(6) 0.06 
0.2 mM Oxalate, 0.2 mM Fe(II) 2.3(2) 5.2(4) 0.06(2) 1.6(6) 0.03 
Ni-Hematite, pH 4      
0 mM Oxalate, 0 mM Fe(II) 3.0(3) 3.7(5) 0.09(6) 1.3(9) 0.06 
0.2 mM Oxalate, 0 mM Fe(II) 4.2(5) 7.6(4) 0.06(2) 3(1) 0.03 
0 mM Oxalate, 0.2 mM Fe(II) 2.8(1) 3.2(2) 0.07(2) 0.8(3) 0.02 
0.2 mM Oxalate, 0.2 mM Fe(II) 4.0(5) 6.9(6) 0.06(3) 3(1) 0.04 
Ni-Goethite, pH 7      
0 mM Oxalate, 0 mM Fe(II)c --- --- --- --- --- 
0.2 mM Oxalate, 0 mM Fe(II) c --- --- --- --- --- 
0 mM Oxalate, 0.2 mM Fe(II) 2.6(2) 5.4(4) 0.04(2) 1.3(5) 0.04 
0.2 mM Oxalate, 0.2 mM Fe(II) 3.0(6) 9(1) 0.03(1) 2(1) 0.05 
Ni-Goethite, pH 4      
0 mM Oxalate, 0 mM Fe(II) 3.0(2) 1.6(4) 0.2(2) 0.6(6) 0.05 
0.2 mM Oxalate, 0 mM Fe(II) 3.4(2) 5.3(8) 0.03(2) 0.9(5) 0.03 
0 mM Oxalate, 0.2 mM Fe(II) 3.9(1) 3.0(4) 0.04(2) 0.4(2) 0.02 
0.2 mM Oxalate, 0.2 mM Fe(II) 4.7(3) 4.7(4) 0.08(3) 1.7(8) 0.03 
a A goodness of fit parameter that is the sum of differences between the data and the model fit at 
each data point divided by the sum of the data at each corresponding point. Smaller R-factors 
represent better fits. b Statistical uncertainties in the last digit are reported in parentheses at the 
95% confidence level. c Psuedo second order rate kinetics could not be determined.  
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Chapter 4 
 
Reductive Transformations of Layered 
Manganese Oxides by Small Organic Acids 
and the Fate of Trace Metals 
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4.1 ABSTRACT 
 Manganese oxides are highly reactive minerals occurring in many terrestrial and aquatic 
environments. These minerals are often major controls on the fate of trace metals, including Ni 
and Zn, which are important micronutrients but are toxic at higher concentrations. Understanding 
the behavior and stability of Mn oxides is therefore needed to identify the processes controlling 
the fate and availability of trace metals in the environment. Prior studies have found that when 
Mn oxides are exposed to dissolved Mn(II), changes occur in the solid-phase Mn oxidation state, 
mineral structure, and trace metal binding mechanisms. Conditions explored to date are most 
similar to those found at redox interfaces and are thus limited in applicability to processes 
occurring in other natural environments. Small organic acids and related compounds have been 
observed to reduce Mn oxides, generating dissolved Mn(II). The impact of such reduction on 
mineral structure and trace metal fate is largely unknown. This study investigates the reaction of 
three representative organic acids, oxalate, citrate, and 4-hydroxybenzoate, with the 
phyllomanganates δ-MnO2 and hexagonal birnessite at pH 4, 5.5, and 7. The minerals selected 
differ in their vacancy and Mn(III) contents. Aging these phases for 4 weeks with each organic 
acid caused partial Mn reduction, generating solid-phase Mn(II) and Mn(III) as well as dissolved 
Mn(II). This did not substantially alter the phyllomanganate sheet structure or result in phase 
transformations. In the presence of all organic acids, dissolved Mn(II) concentrations increased 
as pH decreased, with citrate causing the greatest dissolution. Structurally, improved stacking of 
the phyllomanganates sheets occurred for δ-MnO2 at pH 7 and increased capping of vacancy sites 
by cations occurred under all conditions. Ni and Zn present during aging showed distinct 
adsorption behaviors on the Mn oxides in the absence and presence of organic acids. Metal 
uptake was not substantially altered by the organic acids at pH 7, despite these molecules causing 
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substantial Mn reduction, whereas at pH 4 adsorption of Ni and Zn decreased compared to 
organic acid-free systems. Ni adsorption mechanisms transitioned from binding above vacancy 
sites to at sheet edges in the presence of citrate and 4-hydroxybenzoate, whereas oxalate 
appeared to favor increased binding to vacancy sites. Citrate also inhibited Ni incorporation into 
the phyllomanganate sheets. Similarly, Zn adsorption transitioned from over vacancies to weaker 
sites on the particle edges. For both metals, edge binding was likely promoted both by vacancy 
filling with Mn(II) and Mn(III) as well as the formation of Mn(III) on sheet edges. The latter was 
likely enhanced by organic acid exclusion from the interlayer, forcing reduction reactions to 
localize at layer edges. This study shows that organic acids alter Mn oxide mineral structures, 
releasing dissolved Mn(II), and also enhance micronutrient and contaminant availability in soils 
and aquatic systems.  
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4.2 INTRODUCTION 
Manganese oxides are common in terrestrial and aquatic environments, occurring as 
lamellar, nanocrystalline phases with high surface areas and high reactivity (Post, 1999; 
Manceau et al., 2003; Manceau et al., 2007; Bargar et al., 2009; Frierdich et al., 2011). 
Phyllomanganates, such as birnessite and vernadite, dominate the manganese oxides found in 
many settings and their formation is often controlled by active microbial Mn(II) oxidation 
(Morgan and Stumm, 1964; Post, 1999; Bargar et al., 2000). These minerals are comprised of 
layered MnO6 octahedral sheets with hydrated interlayers. The octahedral sheets contain vacancy 
sites and Mn(III) substituted for Mn(IV), which result in a net negative charge that attracts 
cations (Villalobos et al., 2003; Bargar et al., 2005; Webb et al., 2005a; Drits et al., 2007; Bargar 
et al., 2009). Mn oxides are often major controls on the fate of trace metals as they may sequester 
micronutrients and contaminants via incorporation and adsorption at vacancy sites and on 
particle edges (Manceau et al., 2002; Toner et al., 2006; Peña et al., 2015; Simanova et al., 
2015). Therefore, it is important to understand the behavior and stability of Mn oxides to identify 
the processes controlling the fate and availability of trace metals in the environment.  
 Evidence has shown that Mn oxides exposed to dissolved Mn(II) undergo redox and 
structural changes, which weaken trace metal binding. Reductive mineral transformation from 
birnessite to Mn(III) or Mn(II/III) oxides occurs at high dissolved Mn(II) concentrations (Bargar 
et al., 2005; Elzinga, 2011; Lefkowitz et al., 2013; Elzinga and Kustka, 2015), whereas at lower 
Mn(II) concentrations, the Mn oxide sheet stacking and vacancy content are altered (Zhu et al., 
2010b; Hinkle et al., 2016; Zhao et al., 2016). Mn(II) adsorption, incorporation, and Mn(II)-
Mn(IV) comproportionation may occur, which increases structural Mn(III). For example, Bargar 
et al. (2005) observed the conversion of biogenic Mn oxides from a vernadite-like structure to 
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birnessite-like structure in the presence of excess Mn(II), likely through oxidative adsorption at 
vacancies, forming Mn(III) in the mineral sheet. In their study on Mn biomineralization at 
groundwater seeps, Frierdich et al. (2011) hypothesized that this process reduces vacancy site 
reactivity and inhibits trace element uptake by Mn oxides. Others observed that structural 
changes in the mineral block reactive vacancy sites in the sheet, thereby reducing Ni and Zn 
adsorption, driving these metals to different, lower affinity binding sites (Simanova et al., 2015; 
Hinkle et al., 2017; Lefkowitz and Elzinga, 2017). 
The conditions studied to date are most similar to those found at redox interfaces, which 
are limited in spatial extent in nature. Similar processes, however, may potentially be more 
widespread. Small carboxylic acids, produced as root exudates, by bacteria and fungi, or by 
decomposition of organic matter in aerated soils (Fox and Comerford, 1990; McMahon and 
Chapelle, 1991; Marschner, 1995; Jones, 1998; Hongve et al., 2000; Ganor et al., 2009), have 
been observed to reductively dissolve Mn oxides, producing dissolved Mn(II) (Stone and 
Morgan, 1984; Stone, 1987; Wang and Stone, 2006a; Wang and Stone, 2006b). The rate of 
reduction varies among different molecules and is pH dependent (Stone, 1987; Wang and Stone, 
2006a; Wang and Stone, 2006b). This is reported to result in release of trace metals from the Mn 
oxides to aqueous solution (Godtfredsen and Stone, 1994). These prior studies have focused on 
the macroscopic dissolution of Mn oxides and the consumption of organic acids, but they have 
not investigated the impact of such reactions on the residual mineral structure and trace metals 
binding. When Mn oxides and organic acids coexist, organic acids could alter Mn oxide 
reactivity, resulting in reduced uptake of trace elements and release of those already bound to or 
incorporated in the mineral. However, the impacts of aging on Mn oxides in such systems have 
not been investigated, especially on timescales beyond ~1 day. 
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 In this work, the effect of aging on δ-MnO2, a synthetic analogue of vernadite, and on 
hexagonal birnessite at weakly acidic to neutral pH was examined in the presence of small 
organic acids. These minerals were chosen to probe the range of reactivity expected in natural 
Mn oxides as biogenic precipitates in oceans, caves, and acid mine drainage sites have been 
identified as δ-MnO2 and hexagonal birnessite-type minerals (Tebo et al., 2004; Webb et al., 
2005b; Frierdich et al., 2011). δ-MnO2 has a high vacancy content in its interlayers, whereas 
hexagonal birnessite has both vacancies and Mn(III) substitutions (Lanson et al., 2000; 
Villalobos et al., 2006) suggesting these minerals have similar but distinct reactivities. X-ray 
absorption fine structure (XAFS) spectroscopy and powder X-ray diffraction (XRD) were used 
to identify the extent of Mn reduction and structural response of the phyllomanganates in the 
presence of oxalate, citrate, and 4-hydroxybenzoate. Oxalate and citrate were chosen as they are 
among the most common dicarboxylic and tricarboxylic acids found in sediments and soils (Fox 
and Comerford, 1990; Hongve et al., 2000).  4-hydroxybenzoate, an aromatic carboxylic acid, 
which also contains a phenol group, is found in natural organic matter and is an isomer of 
salicylic acid, the most common aromatic carboxylic acid in soils (Hongve et al., 2000). These 
three organic acids all have been identified to reductively dissolve Mn oxides (Stone, 1987; 
Wang and Stone, 2006a; Wang and Stone, 2006b) suggesting that they may alter the mineral 
structure and reactivity. The effect on Ni and Zn uptake during aging of Mn oxides with organic 
acids was also explored to characterize the impact of organic acids on metal retention. Changes 
to Ni and Zn binding mechanisms were identified using extended X-ray absorption fine structure 
(EXAFS) spectroscopy to further improve our understanding of interactions between Mn oxides, 
organic acids, and metal mobility.   
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4.3 MATERIALS AND METHODS 
4.3.1 Reagent Preparation 
All stock solutions were prepared in an anaerobic chamber (3% H2/97% N2 with Pd 
catalysts) using deoxygenated deionized (DI) water (>18.2 MΩ cm). DI water was sparged with 
N2 gas to deoxygenate it. A two-stage oxygen trap (Catalano et al., 2010) was used to further 
lower dissolved oxygen levels to below detection limit (<2.5 μg L-1) based on a colorimetric 
assay using CHEMets test kit K-7540. Stock solutions of 1 M NaCl, 0.01 M NiCl2·6H2O, 0.01 M 
ZnCl2, 0.01 M MnCl2·4H2O, and 0.01 M 4-hydroxybenzoate were made. The Mn(II) solution 
was stored in an amber bottle to prevent photo-oxidation. Stock solutions of 10 mM oxalate and 
citrate were prepared at pH 4, 5.5, and 7 using mixtures of sodium oxalate/oxalic acid dihydrate 
and sodium citrate tribasic dihydrate/citric acid monohydrate at appropriate ratios for the pH. 
The pH of the oxalate and citrate solutions were adjusted using HCl or NaOH solutions.  
 
4.3.2 Mineral Synthesis 
 δ-MnO2 and hexagonal birnessite (referred to as c-disordered H+-birnessite in previous 
work) were precipitated by reducing KMnO4 and oxidizing MnCl2 under alkaline conditions as 
was done by Villalobos et al. (2003). Due to substantial time lapses between XAFS experiments, 
two batches of each mineral were synthesized and used in this study (denoted in tables and 
figures as a or b). Briefly, δ-MnO2 was synthesized by mixing a solution of 0.18 M KMnO4 into 
0.55 M NaOH over five minutes. While continuously stirring, 0.30 M MnCl2 was then slowly 
added at a rate of 2.3 mL/min. Similarly, hexagonal birnessite was prepared by mixing 0.18 M 
KMnO4, 0.51 M NaOH, and 0.37 M MnCl2 at the same rates mentioned above. The precipitates 
were allowed to settle over 4 hours after which they were centrifuged at 4500 rpm for 20 
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minutes. The supernatant was discarded and the minerals were washed with 1 M NaCl for one 
hour. This was repeated 5 times with the last NaCl wash occurring overnight. The minerals were 
then rinsed 10 times using DI water with each rinse lasting 0.5 hours to overnight. All minerals 
were then suspended in DI water and stored in foil-wrapped 250 mL polypropylene bottles to 
avoid photoreduction. The mineral suspensions were sparged with a two-stage bubbling system 
in an anaerobic chamber to remove dissolved oxygen.  
 An aliquot of each mineral suspension was dried at 70°C for mineral characterization. To 
confirm mineralogy and phase purite, XRD patterns were collected on a Bruker d8 Advance 
diffractometer using Cu Kα radiation and a LynxEve XE energy-dispersive strip detector. Total 
moles of Mn per g of each mineral was determined by acid digestion of 0.01 g of the minerals in 
5% hydrochloric acid and 20% nitric acid at 70°C (Table 4.1). Mn concentrations were measured 
on a Perkin-Elmer Optima 7300 DV inductively-coupled plasma optical emission spectrometer 
(ICP-OES).   
 
4.3.3 Effect of Organic Acids on Aging of Mn Oxides Experiments 
To examine the effect organic acids have on the structures of Mn oxides, XRD and XAFS 
measurements of aged samples were explored. In the anaerobic chamber, 2.5 g/L of either δ-
MnO2 or hexagonal birnessite were aged in a 10 mM NaCl solution with 1 mM oxalate, citrate, 
 
Table 4.1: Structural Mn content of δ-MnO2 and hexagonal birnessite. 
Mineral 
Moles 
Mnsolid per 
g mineral 
Initial Mnsolid 
in experiments 
(mol/L) Mineral 
Moles 
Mnsolid per g 
mineral 
Initial Mnsolid 
in experiments 
(mol/L) 
δ-MnO2a  0.0088 0.022 Hbira 0.0099 0.025 
δ-MnO2a 0.0088 0.022 Hbirb 0.0101 0.025 
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or 4-hydroxybenzoate at pH 4, 5.5, and 7. Organic acid-free control samples were aged at the 
three pH conditions. For comparison with the effect of Mn(II) on mineral aging, organic acid-
free samples reacted with 0.75 mM Mn(II) were investigated; data at pH 4 and 7 were previously 
reported (Hinkle et al., 2016). Explanation of abbreviations for conditions used in figures and 
tables can be found in Table 4.2. Samples for XRD analysis were prepared in 50 mL test tubes 
and replicate samples for XANES analysis were reacted in 15 mL test tubes. Samples were 
rotated end-over-end in the dark for 28 days with regular pH adjustments using HCl or NaOH to 
remain within 0.1 pH units of the targeted pH. After the reaction time, samples were filtered 
using reusable syringes and 0.22 µm MCE filters. The filtrate was collected and acidified to 2% 
HNO3 for analysis of dissolved Mn(II) concentrations by ICP-OES and by inductively-coupled 
plasma mass spectrometer (ICP-MS) using a Thermo iCAP Q instrument. A portion of the 
filtrate was separated prior to acidification for measuring organic acid concentrations on a 
Metrohm 881 Compact IC Pro ion chromatograph (IC) using a conductivity detector. Oxalate 
was measured using an ASupp7 column (150 mm length) set to 45°C, with an eluent of 3 mM 
Na2CO3, a flow rate of 0.7 mL/min, and 0.1 M sulfuric acid for the regenerant. Measurements of 
citrate concentrations were completed using a Metrosep organic acid column (250 mm length)  
 
Table 4.2: Explanation of abbreviations used in sample IDs in the figures and tables. 
Condition Abbreviation 
δ-MnO2  δ 
Hexagonal Birnessite  Hbir 
Organic Acid-Free Control Sample  No 
0.75 mM Mn(II)  Mn 
1 mM Oxalate Ox 
1 mM Citrate Cit 
1 mM 4-hydroxybenzoate Hba 
pH 4 4 
pH 5.5 5.5 
pH 7 7 
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set to 27°C with an eluent of 0.5 mM H2SO4 with 15% acetone, a flow rate of 0.4 mL/min, and 
regenerant of 10 mM LiCl. 3-ketogluterate, acetoacetate, and acetate, expected oxidation 
products of citrate, were also measured using this column. 4-hydroxybenzoate concentrations 
were obtained using a ASupp5 column (100 mm length) set to 27°C, with an eluent of 3.2 mM 
Na2CO3 and 1 mM HaHCO3 with 2.5% acetone, a flow rate of 0.7 mL/min, and 0.1 M sulfuric 
acid for the regenerant. Potential oxidation products of 4-hydroxybenzoate were not measured in 
this study.  
The impact of the interactions between organic acids and Mn oxides during aging on 
trace metal behavior was determined using EXAFS spectroscopy. Similar to the experiments on 
Mn oxide structures, 2.5 g/L of the minerals were aged in a 10 mM NaCl solution containing 
0.23 mM Ni or Zn and 1 mM organic acid at pH 4 and 7. Mineral suspensions were added to 
organic acid-free control samples as well as samples with both Ni or Zn and oxalate, citrate, or 4-
hydroxybenzoate present, marking the start of the 28 days aging experiment. Samples were 
rotated end-over-end in the dark for 28 days with regular pH adjustments. Samples were filtered 
and the filtrate was analyzed for dissolved Mn, Ni, Zn, and organic acid concentrations as 
discussed above. The mineral portions of the samples were immediately prepared for XAFS 
spectroscopy.    
 
 
4.3.4 XRD Analysis 
 For XRD analysis, samples were dried in a vacuum desiccator, ground with an agate 
mortar and pestle, and stored in amber polypropylene bottles in the anaerobic chamber. To 
minimize exposure to air, XRD samples were transferred to the XRD instrument with an airtight 
dome which was removed immediately prior to data collection. Previous work has shown that 
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exposure to the air during the length of time for XRD analysis (~1.5 h) did not result in changes 
to the XRD pattern (Hinkle et al., 2016). XRD patterns of all samples and unreacted minerals 
were collected from 5 to 80° 2θ with a step size of 0.04° 2θ and a collection time of 3 sec/step.  
 
4.3.5 XAFS Spectroscopy 
XAFS Data Collection 
Wet pastes of the minerals after separation from the filtrate were prepared for XAFS 
spectroscopy by placing the mineral pastes and filter membranes between two layers of Kapton 
film, which was then sealed with Kapton tape. To maintain hydration and anoxic conditions, 
samples were heat sealed in polyethylene bags with a damp Kimwipe. In addition to the samples, 
reference standards of known manganese oxidation states were prepared for X-ray absorption 
near edge structure (XANES) measurements. The standards were prepared by grinding with an 
agate mortar and pestle and spreading the fine powder on Scotch tape. An aqueous solution of 1 
M MnSO4 was also prepared by sealing the solution in a polycarbonate sample holder with 
Kapton tape. The source of or synthesis procedures for the reference samples are documented in 
the appendix and Table A4.1.  
XAFS spectra were collected at the Advanced Proton Source (APS) beamline 12-BM-B 
at Argonne National Laboratory and beamline 4-1 at the Stanford Synchrotron Radiation 
Lightsource (SSRL). 12-BM-B uses a Si(111) double-crystal, fixed-exit monochromator to select 
the incident beam energy. The harmonic content of the X-ray beam was reduced by detuning the 
second crystal of the monochromator by 30% while toroidal focusing and flat harmonic rejection 
mirror systems further conditioned the incident beam. A Si(220) double-crystal, variable-exit 
monochromator with ϕ=90° orientation, and detuned by 35% was used at beamline 4-1. All Mn 
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data were collected at the APS in transmission, Zn fluorescence-yield EXAFS spectra at SSRL, 
and Ni fluorescence-yield EXAFS at both locations. To calibrate the incident beam energy, 
spectra of Ni and Zn metal foils were used and the K-edges set to 8333 eV and 9659 eV, 
respectively. Data were collected using a 13-element energy-dispersive Ge detector at 12-BM-B 
and a 30-element energy-dispersive Ge detector at beamline 4-1. 
 
XAFS Fitting  
 Linear combination fitting (LCF) of the normalized Mn K-edge XANES spectra was 
completed in Athena (Ravel and Newville, 2005) using the reference standards (Figure A4.1) to 
determine the average manganese oxidation state (AMOS) for each sample. Six or fewer 
reference standards with non-negative loadings were fit to a sample through the Combo method 
as described in Manceau et al. (2012) (Table A4.2 & Table A4.3). The fractions of Mn(II), 
Mn(III), and Mn(IV) in each sample were calculated by the sum of the weights of each Mn 
oxidation standard in the LCF divided by the total sum. The AMOS was then determined by the 
sum of the products of the fractions and the valence states.   
 Ni and Zn EXAFS spectra were processed using Athena and Sixpack (Webb, 2005) 
interfaces to IFEFFIT (Newville, 2001). EXAFS spectra were fit to structural models in Sixpack 
with backscattering phase and amplitude functions generated using FEFF 7.02 (Ankudinov et al., 
1998) from the structure of the Zn-phyllomanganate chalcophanite (Post and Appleman, 1994) 
and a modified chalcophanite structure with Zn replaced by Ni. Spectra were fit over a k-range of 
3.5-11.3 Å-1 and in R from 1-6 Å. The amplitude reduction factor (So2) was fixed at 0.94 for Ni 
(Zhu et al., 2010a) and 0.86 for Zn (Toner et al., 2006) for spectral fitting. The coordination 
number (N), the interatomic distance (R), and a correction for the difference in the threshold 
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Fermi level between experiment and theory (ΔE0) were refined using nonlinear least-squares 
fitting. A Debye-Waller type factor based on a Gaussian distribution of interatomic distances (σ2) 
was defined according to Hinkle et al. (2017). Ni-O coordination numbers were fixed at 6 and 
Zn-O coordination numbers were allowed to vary in the model fits as a mixture of tetrahedral 
and octahedral Zn (IVZn and VIZn) may exist. Split Zn-O shells were required for some of the 
data and were constrained so that the sum of the fractions of Zn in each coordination state 
equaled one.  
 
4.4 RESULTS 
4.4.1 Extent of Mn Reduction  
 δ-MnO2 and hexagonal birnessite were aged in the presence and absence of organic acids 
to characterize the impacts of common carboxylic acids on Mn oxide structure and reactivity. 
Average manganese oxidation state (AMOS) for the Mn oxides, determined by linear 
combination fitting of XANES spectra (Figure 4.1), substantially decreased in the presence of 
organic acids (Tables 4.3 and 4.4). These variations were not the result of experimental 
procedures requiring multiple syntheses of each phase, as the Mn K-edge XANES spectra of 
unreacted δ-MnO2 and hexagonal birnessite for individual syntheses were consistent, indicating 
that the replicate syntheses generated reproducible solids (Figure A4.2). The initial δ-MnO2 and 
hexagonal birnessite had AMOS values of 4.00 and 3.80, respectively (Tables 4.3 and 4.4) which 
are consistent with previous work (Hinkle et al., 2016). In addition, aging of the minerals in the 
absence of organic acids for 28 days did not alter the AMOS values for the pH conditions 
considered. This indicates that reduction observed in the presence of organic acids was the result 
of reaction between the Mn oxides and these compounds. 
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Figure 4.1: Mn XANES spectra (black) and LCF fitting (red) of aged δ-MnO2 (δ) and hexagonal 
birnessite (hbir) in the presence of no acid (no), Mn(II) (Mn), oxalate (ox), citrate (cit), and 4-
hydroxybenzoate (hba) at pH 4, 5.5 and 7. Spectra for Mn(II) at pH 4 and 7 from Hinkle et al. 
(2016).  
 
The AMOS of δ-MnO2 decreased in the presence of organic acids with oxalate having the 
smallest effect (AMOS of 3.91 to 3.95). Mn reduction in the presence of oxalate at all conditions 
is comparable to the effects of reaction with 0.75 mM dissolved Mn(II) (Hinkle et al., 2016 and 
reported here). In contrast, citrate and 4-hydroxybenzoate caused substantial reduction of Mn in 
the δ-MnO2 sheet structure (by 0.3 to 0.4 v.u.) and, at pH 4 and 5.5, also generated substantial 
dissolved Mn(II). At pH 4, 5.5, and 7, δ-MnO2 in the presence of citrate resulted in the lowest 
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AMOS with up to 23 mol% solid-associated Mn(III) and 7 mol% solid-associated Mn(II) (Figure 
4.2). Overall reduction by oxalate varied little with pH but there was a substantial pH-
dependence observed for citrate and 4-hydroxybenzoate, with the greatest reduction observed at 
pH 4 (Figures 4.2 and 4.3). Notably, the AMOS of the solids reacted with the organic acids were 
similar at all pH conditions, showing no clear trends, and the pH variations observed result 
 
Table 4.3: Average manganese oxidation state and final solution concentrations for unreacted 
and aged δ-MnO2 samples. 
 Fraction   
Sample ID Mn(II) Mn(III) Mn(IV) 
XANES 
AMOS a 
Mnsoln 
(µM) 
Unreacted      
δ-MnO2a 0 0 1 4.00 ---  
δ-MnO2b 0 0 1 4.00 --- 
      
Aged Samples  
δ4no 0 0 1 4.00 2.5 
δ4Mnb 0.040 0 0.960 3.92 BDLc 
δ4ox 0.027 0.020 0.953 3.93 0.78 
δ4cit 0.077 0.158 0.765 3.69 6800  
δ4hba 0.081 0.148 0.770 3.69 2200  
  
δ5.5no 0.007 0 0.993 3.99 0.67 
δ5.5Mn 0.027 0.035 0.938 3.91 0.31 
δ5.5ox 0.027 0.040 0.933 3.91 0.58 
δ5.5cit 0.077 0.280 0.643 3.57 5200 
δ5.5hba 0.070 0.229 0.700 3.63 770  
  
δ7no 0 0 1 4.00 5.2 
δ7Mnb 0.012 0 0.988 3.98 0.32 
δ7ox 0.023 0 0.977 3.95 0.78 
δ7cit 0.062 0.232 0.706 3.64 33 
δ7hba 0.049 0.184 0.767 3.72 4.1 
a Average manganese oxidation state (AMOS) determined by XANES. Estimated accuracy is 
approximately 0.04 v.u. (Manceau et al., 2012). b Data from Hinkle et al. (2016). AMOS were re-
determined using reference standards from this study. c BDL denotes below detection limit of 
0.09 µM (6 µM for δ4Mn).  
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Table 4.4: Average manganese oxidation state and final solution concentrations for unreacted 
and reacted hexagonal birnessite. 
 Fraction   
Sample ID Mn(II) Mn(III) Mn(IV) 
XANES 
AMOSa 
Mnsoln 
(µM) 
Unreacted  
Hbira 0.043 0.082 0.875 3.83 --- 
Hbirb 0.048 0.104 0.848 3.80 --- 
      
Aged Samples  
hbir4no 0.046 0.109 0.845 3.80 10 
hbir4Mnb 0.081 0.084 0.836 3.76 480 
hbir4ox 0.058 0.111 0.830 3.77 240  
hbir4cit 0.084 0.143 0.773 3.69 9600 
hbir4hba 0.097 0.150 0.753 3.66 4700 
      
hbir5.5no 0.055 0.063 0.881 3.83 2.0 
Hbir5.5Mn 0.055 0.157 0.788 3.73 17 
hbir5.5ox 0.071 0.122 0.806 3.74 97 
hbir5.5cit 0.109 0.202 0.689 3.58 7900 
hbir5.5hba 0.072 0.226 0.703 3.63 1500  
 
hbir7no 0.034 0.094 0.872 3.84 2.4 
hbir7Mnb 0.047 0.144 0.810 3.76 4.0 
hbir7ox 0.045 0.129 0.825 3.78 1.4 
hbir7cit 0.064 0.272 0.665 3.60 94 
hbir7hba 0.074 0.194 0.732 3.66 16 
a Average manganese oxidation state (AMOS) determined by XANES. Estimated accuracy is 
approximately 0.04 v.u. (Manceau et al., 2012). b Data from Hinkle et al. (2016). AMOS were re-
determined using reference standards from this study.  
 
primarily from differences in production of dissolved Mn(II). For hexagonal birnessite, oxalate 
also resulted in limited reduction at all pH conditions, again comparable to the effect of 0.75 mM 
dissolved Mn(II) (Table 4.4). Similar to δ-MnO2, citrate and 4-hydroxybenzoate caused greater 
reduction of hexagonal birnessite, again generating substantial dissolved Mn(II) at pH 4 and 5.5. 
For all acids, reduction increased the mol% of both Mn(II) and Mn(III) (Figure 4.2 and 4.3).  
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Figure 4.2: Mn(IV) (gray), Mn(III) (red), Mn(II) (green), and dissolved Mn(II) (blue) 
concentrations after aging δ-MnO2 at pH 4 (A), 5 (B), and 7 (C) in the absence (no) and presence 
of oxalate (ox), citrate (cit), and 4-hydroxybenzoate (hba). 
 
In the absence of organic acids, aging of δ-MnO2 and hexagonal birnessite resulted in a 
small release of Mn into solution (less than 10 µM) (Tables 4.3 and 4.4). This represents less 
than 0.05% of all Mn in the system (Figure 4.2) as little to no Mn was reduced during aging. In  
 
 
Figure 4.3: Mn species associated with hexagonal birnessite after aging in the in the absence 
(no) and presence of oxalate (ox), citrate (cit), and 4-hydroxybenzoate (hba) at pH 4 (A), 5 (B), 
and 7 (C). Percents of solid-associated Mn(IV) (gray), Mn(III) (red), and Mn(II) (green) and 
dissolved Mn(II) (blue).  
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the presence of δ-MnO2, oxalate, citrate, and 4-hydroxybenzoate were fully consumed (>95%, 
measurements were below the 0.05 mM detection limit) at weakly acidic and neutral pH during 
the 28-day aging period. Oxalate and citrate concentrations were also below detection limits for 
hexagonal birnessite while only partial consumption of 4-hydroxybenzoate occurred; 
consumption decreased from 94.7% to 40.8% as pH increased from 4 to 7. 
The amount of Mn reduction observed relative to the organic acid concentrations 
provides additional insight into the fate of these compounds. When oxalate reacts with Mn 
oxides, it is fully mineralized to CO2 via a 2-electron transfer reaction (Wang and Stone, 2006a). 
The level of Mn reduction seen in the oxalate systems is consistent with this electron transfer 
capacity (Figure 4.4). In past studies of reduction by other organic acids, the results normally 
indicate that a single, 2-electron transfer per molecule occurs (Wang and Stone, 2006a; Wang 
and Stone, 2006b). However, this could produce only an amount of reduction similar to that of 
oxalate, whereas much greater Mn reduction is observed for citrate and 4-hydroxybenzoate  
 
 
Figure 4.4: Calculated electron transfer per mole of organic acid (OA) after aging of δ-MnO2 
(red) and hexagonal birnessite (hbir, blue) in the presence of oxalate (ox), citrate (cit), and 4-
hydroxybenzoate (hba). Electron balance calculated from dissolved and solid-phase Mn 
speciation.    
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(Figures 4.2 and 4.3). These observations indicate that the oxidation products of both organic 
acids must also react with the Mn oxides remaining in the system. Indeed, the amount of Mn 
reduction by citrate at pH 4 and pH 5.5 is consistent with almost complete mineralization of this 
compound to CO2. Approximately 17 to 19-electron transfer per molecule of citrate occurs 
during the reduction of the Mn oxides, which is close to the theoretical maximum value of 18-
electron transfer per molecule of citrate (Figure 4.4). However, at pH 7, only 44% and 31% of 
the full reduction capacity of citrate occurred during aging of δ-MnO2 and hexagonal birnessite, 
respectively. This is accompanied by oxidation products remaining in solution after 28 days of 
reaction, including 3-ketogluterate, acetoacetate, and acetate, confirming full mineralization of 
citrate did not occur at pH 7. For 4-hydroxybenzoate, less than a fourth of the theoretical 
reduction capacity (28-electron transfer per molecule) occurred at pH 7. As pH decreased, more 
electrons were transfer per mole of 4-hydroxybenzoate, with up to 12-electron transfer in the 
presence of hexagonal birnessite at pH 4. This suggests that while 4-hydroxybenzoate is fully 
consumed during aging of δ-MnO2, complete mineralization of the compound to CO2 does not 
occur and oxidation products, which were not measured in this study, may still be present. Note 
that the calculated electron transfer in each case was not measured directly but was instead 
determined by the total dissolved Mn(II)and the fractions of solid-phase Mn(II), Mn(III), and 
Mn(IV) determined by LCF. Thus small uncertainties (<0.04 v.u.) in the fractions of Mn(II) and 
Mn(III) in the solid would result large errors in the electron transfer per molecule of organic 
acid. Based on expected XANES fitting accuracies (Manceau et al., 2012) we anticipate that 
these calculations are accurate to approximately ±2 electrons. 
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4.4.2 Structural Transformations of Mn Oxides 
Synthetic Mn oxides 
XRD patterns of unreacted δ-MnO2 and hexagonal birnessite show that these minerals are 
consistent with past studies (Villalobos et al., 2003; Webb et al., 2005a; Hinkle et al., 2016) 
where broad, low-intensity peaks at approximately 12.3° and 24° 2θ and asymmetrical peaks at 
37° and 66° 2θ are present (Figure 4.5). The (001) and (002) (i.e., the lower 2θ peaks) indicate 
that few sheets are stacked along the c-axis (Lanson et al., 2008; Hinkle et al., 2016) and the 
asymmetric peaks [(20,11) and (02,31) hk bands] are characteristic of turbostratic 
phyllomanganates (Villalobos et al., 2003; Webb et al., 2005b; Webb et al., 2005a; Villalobos et 
al., 2006).  
 
Figure 4.5: XRD patterns of unreacted (black) δ-MnO2 (δ) and hexagonal birnessite (hbir) 
overplotted with aged samples containing no acid (no), Mn(II) (Mn), oxalate (ox), citrate (cit), or 
4-hydroxybenzoate (hba) at pH 4, 5.5, and 7.  
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Altered δ-MnO2  
Aging δ-MnO2 for 28 days in 0.01 M NaCl had minimal impact on the structure at all pH 
values. The presence of oxalate, citrate, or 4-hydroxybenzoate only slightly altered the Mn oxide 
structure during aging at pH 4, 5.5, and 7. The largest effects occurred at pH 7 where sharper 
intensity peaks are observed at 12.3° and 24° 2θ for δ-MnO2 aged in the presence of oxalate and 
citrate. This suggests that sheet stacking is improved in these systems, which is consistent with 
studies concerning δ-MnO2 reacted with Mn(II) at pH 7 (Hinkle et al., 2016 and reported here) 
and pH 9 (Zhao et al., 2016). The improved sheet stacking is not seen in the presence of 4-
hydroxybenzoate, or at pH 4 and 5.5 for all organic acids. Mn EXAFS spectra also indicates 
minimal change to the δ-MnO2 structure occurs as local coordination environments are 
consistent with phyllomanganates of varying Mn(III) content is preserved at all times (Webb et 
al., 2005a; Hinkle et al., 2016) and that tectomanganates (tunnel structure Mn oxides) do not 
form (Figure 4.6). 
Analysis of the XRD patterns at higher angles also reveals a subtle structural response to 
reduction by organic acids. Compared to unreacted δ-MnO2, aging in the presence and absence 
of organic acids resulted in a decrease in intensity on the tail of the (20,11) hk band near 37° 2θ 
(the intensity decrease is centered near 44° 2θ) indicating adsorption over vacancies in the sheet 
by Mn or other cations (Lanson et al., 2000; Villalobos et al., 2006; Hinkle et al., 2016). For the 
samples aged in the absence of organic acids, this is likely due to migration of Mn from the sheet 
into vacancy-capping sites as the AMOS of the aged samples was ~4.00 (Table 4.3), indicating 
that no net reduction occurred. However, Mn(IV) is not known to occupy such sites, suggesting 
that a Mn(II) or Mn(III) content below detection limit is present in this solid. The decrease in 
intensity near 44° 2θ is greater in the presence of the organic acids, and this combined with the 
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Figure 4.6: Mn K-edge EXAFS spectra (left), Fourier transform magnitudes (center), and real 
components of the Fourier transforms (right) of unreacted δ-MnO2 (black) and aged in the 
absence (no) and presence of oxalate (ox), citrate (cit), and 4-hydroxybenzoate (hba) at pH 4, 
5.5, and 7.   
 
decrease in AMOS suggests that adsorption of Mn(II) and Mn(III) above vacancies occurs. 
These effects of organic acid on the structure of δ-MnO2 are comparable to the effects of 0.75 
mM dissolved Mn(II) upon aging with Mn oxides seen in prior work (Hinkle et al., 2016). 
 
Altered Hexagonal Birnessite  
 Aging hexagonal birnessite in the presence and absence of organic acids at pH 5.5 and 7 
resulted in little alteration to the sheet structure other than vacancy capping (Figure 4.5), similar 
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to δ-MnO2. However, at pH 4 additional peaks appear in the 20-70° 2θ range and the 
asymmetrical peaks indicative of turbostratic stacking of sheets with hexagonal 2-dimensional 
symmetry split, except for systems containing 4-hydroxybenzoate. Similar changes in XRD 
patterns were seen in previous work upon reaction with dissolved Mn(II) (Hinkle et al., 2016). 
The new features do not correspond to the diffraction lines of known manganese minerals and 
therefore are not due to the formation of a secondary mineral phase. This is also supported by 
Mn EXAFS spectra of hexagonal birnessite after aging in the presence of organic acids which 
identified little change to the local coordination environment indicating that the 
phyllomanganates structure remained and formation of a tectomanganate did not occur (Figure 
4.7).   
Instead, the additional peaks seen in XRD have been interpreted to indicate that the 
phyllomanganate structure transitions to a mixture of sheets having hexagonal and orthogonal 2-
dimensional symmetry that are rotationally aligned (Hinkle et al., 2016). The splitting of the 
(20,11) and (31,02) hk bands have been used to differentiate orthogonal symmetry (split 
reflection) from hexagonal symmetry (single reflection) (Lanson et al., 2000; Drits et al., 2007; 
Zhu et al., 2010b; Zhao et al., 2016). The additional peaks not formed by the splitting of the 
(20,11) and (31,02) bands were also identified by Lanson et al. (2000) for an H-exchanged 
hexagonal birnessite, interpreted as containing a stratified defective layer, and described by 
models with sheets having hexagonal and orthogonal 2-dimensional symmetry with rotated 
stacking similar to the chalcophanite structure (Post and Appleman, 1994). These peaks are also 
present in the XRD patterns for hexagonal birnessite reacted with 0.75 Mn(II) at pH 5.5. These 
structural changes in hexagonal birnessite likely derive from increased Mn(III) contents (Table 
4.4), which can be ordered in the mineral sheets and thereby alter the 2-dimensional symmetry. 
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Surprisingly, 4-hydroxybenzoate at pH 4 did not result in similar structural changes despite 
causing substantial Mn(IV) reduction, with Mn(II) and Mn(III) production comparable to 
conditions that caused substantial structural changes after reaction with dissolved Mn(II) in prior 
work (Hinkle et al., 2016). 
 
 
Figure 4.7: Unreacted hexagonal birnessite (black) and aged in the absence (no) and presence of 
oxalate (ox), citrate (cit), and 4-hydroxybenzoate (hba) at pH 4, 5.5, and 7 Mn K-edge EXAFS 
spectra (left), Fourier transform magnitudes (center), and real components of the Fourier 
transforms (right).   
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4.4.3 Trace Metal Retention 
The effects on trace metal uptake during the aging of layered Mn oxides in the presence 
and absence of organic acids was also investigated at pH 4 and 7. In the absence of organic acids, 
near-complete adsorption (0.092 mmol/g) of Ni and Zn to the Mn oxides occurred at pH 7 with 
less than 1 µM Ni or Zn remaining in solution (Figure 4.8). Metal adsorption to δ-MnO2 at pH 4 
was also nearly 100%, but residual dissolved Ni and Zn were observed for hexagonal birnessite, 
corresponding to solid phase concentrations of 0.089 and 0.083 mmol/g, respectively. Ni and Zn 
adsorption to hexagonal birnessite during aging also increased dissolved Mn(II) concentrations at 
both pH 4 and 7 (Figure 4.9). This is in agreement with previous work that also identified 
increase in the dissolved Mn(II) concentrations in the presence of Ni and Zn to hexagonal 
birnessite at neutral conditions (Lefkowitz and Elzinga, 2015; Lefkowitz and Elzinga, 2017).  
 
 
Figure 4.8: Dissolved Ni and Zn concentrations after aging δ-MnO2 at pH 4 (A) and 7 (B) and 
hexagonal birnessite at pH 4 (C) and 7 (D).  Metal concentrations not shown were below 
detection limit.  
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Figure 4.9: Dissolved Mn(II) concentrations in solution following aging of hexagonal birnessite 
with and without trace metals at pH 4 (A), 5.5 (B), and 7 (C) in the absence (no) and presence of 
oxalate (ox), citrate (cit), and 4-hydroxybenzoate (hba). 
 
Likewise, dissolved Mn(II) increased in the presence of Ni and δ-MnO2 at pH 7 (Figure 4.10). 
This suggests that Ni and Zn more readily adsorb than Mn(II) through competition for adsorption 
sites. However, dissolved Mn(II) decreased in the presence of the Zn at pH 7 and both trace 
metals at pH 4 for the δ-MnO2 systems. 
Ni and Zn concentrations slightly increase in the presence of oxalate and δ-MnO2 at pH 4 
and 7 compared to organic acid-free samples, although near-complete uptake (>99%) of the 
metals was still observed. The presence of citrate and 4-hydroxybenzoate largely decreased 
metal uptake to δ-MnO2 at pH 4 with less than 0.040 mmol/g adsorbed yet little to no change to 
adsorption occurred at pH 7. Ni was more readily absorbed to δ-MnO2 than Zn except at pH 4 in 
the presence of 4-hydroxybenzoate. Metal uptake to δ-MnO2 in the presence of organic acids 
behaved similar to what has been seen with the addition of Mn(II) at pH 7 (Hinkle et al., 2017). 
The decrease in Zn adsorption in the presence of citrate is also similar to the effects of 7.5 mM 
Mn(II) at pH 4 reported in Hinkle et al. (2017), but citrate and 4-hydroxybenzoate caused a 
greater decrease in Ni adsorption compared to 7.5 mM Mn(II) at this pH. Dissolved Mn(II) also 
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Figure 4.10: Final Mn concentrations in solution after aging δ-MnO2 with and without trace 
metals in the absence of (no) and presence of oxalate (ox), citrate (cit), and 4-hydroxybenzoate 
(hba) at pH 4 (A), 5.5 (B), and 7 (C). 
 
increased in the presence of organic acids for δ-MnO2 aged at pH 4 (Figure 4.10). The extent of 
Mn release was greater in the presence of Ni and Zn than in the metal-free systems. An exception 
to this is the experiment where Zn adsorbed in the presence of citrate, with approximately 1 mM 
less dissolved Mn(II) generated than in the metal-free system. The behavior of dissolved Mn(II) 
in the pH 7 δ-MnO2 systems varied based on the organic acid and metal present, following the 
same trends as net Mn reduction (Figure 4.2). For Ni uptake experiments, dissolved Mn(II) 
increased in the presence of oxalate but decreased when citrate or 4-hydroxybenzoate was 
present compared to the metal free system. Dissolved Mn(II) also increased in the Zn 
experiments for oxalate and citrate at pH 7 but decreased in the presence of 4-hydroxybenzoate.  
Similar to δ-MnO2, metal uptake onto hexagonal birnessite was suppressed in the 
presence of organic acids at pH 4. Ni showed a greater affinity to adsorb to hexagonal birnessite 
than Zn except in the presence of citrate, which resulted in 0.014 mmol/g and 0.029 mmol/g of 
Ni and Zn adsorbed, respectively, at pH 4. Ni adsorption is comparable to that of Ni in the 
presence of 7.5 mM Mn(II) (Hinkle et al., 2017), whereas Zn adsorption was slightly higher than 
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in prior work. At pH 7, little change to Zn adsorption on hexagonal birnessite occurred in the 
presence of organic acids compared to uptake under the organic acid-free condition, with less 
than 1 µM remaining in solution.  Ni uptake to hexagonal birnessite at pH 7 also indicated that in 
the presence of oxalate no change occurred, whereas in the presence of 4-hydroxybenzoate and 
citrate, Ni concentrations in solution increased. However, dissolved Mn(II) increased in the 
presence of oxalate for the Ni and Zn experiments compared to the metal-free systems for both 
pH 4 and 7 (Figure 4.9). Increased Mn in solution also occurred for the Ni and Zn uptake 
experiments with citrate and for Zn uptake in the presence of 4-hydroxybenzoate at pH 7. The 
presence of citrate and 4-hydroxybenzoate suppressed dissolved Mn(II) in the presence of Ni and 
Zn at pH 4.  
Final organic acid concentrations were below detection limit (0.05 mM) for all conditions 
except for Ni reacted with 4-hydroxybenzoate and hexagonal birnessite at pH 7 (0.125 mM). 
This indicates that full oxidation of the organic acids occurred during the timescale considered. 
However, in the presence of Ni, more 4-hydroxybenzoate was consumed than in the metal-free 
system. The remaining 4-hydroxybenzoate in solution suggests that additional reduction of Mn 
may occur in this system at longer reaction times, which would likely further inhibit Ni uptake 
while increasing dissolved Mn(II) in solution.  
 
4.4.4 Trace Metal Binding Mechanisms 
 Ni Speciation 
The effect of small organic acids on Ni binding mechanisms to Mn oxides were explored 
using EXAFS spectroscopy at pH 4 and 7. Ni EXAFS spectra (Figure 4.11) and structural model 
fits (Table 4.5) suggest that the mechanisms vary based on the pH, mineral, and organic acid 
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present. A seven shell method was used to determine the local structural model fits based on 
methods used in previous studies (Simanova et al., 2015; Zhao et al., 2016; Hinkle et al., 2017; 
Lefkowitz and Elzinga, 2017). Each fit included an octahedrally coordinated Ni-O shell at an 
interatomic distance of ~2.05 Å. Three Ni-Mn shells were considered at interatomic distances of 
~2.87 Å, 5.00 Å, and 5.95 Å for incorporated Ni species. Additional Ni-Mn shells at ~3.48 Å and 
5.45 Å correspond to Ni adsorbed as a double-corner or triple-corner sharing complex (DC/TC). 
Although DC and TC complexes have a similar Ni-Mn interatomic distance, they can be 
distinguished by the number of Mn neighbors as TC, which are adsorbed above sheet vacancies, 
have ~6 Mn neighbors (Manceau et al., 2007), whereas DC have ~2 Mn neighbors as they adsorb 
at sheet edges. Ni binding above vacancies also has a second shell of Mn neighbors (~5.45 Å 
interatomic distance) that are associated with a Fourier transform feature at ~5 Å. This can be 
used to distinguish TC complexes (Peacock and Sherman, 2007; Peacock, 2009; Zhu et al., 
2010a) from DC complexes as the latter generally do not produce this spectral feature (Zhu et al., 
2010a). A tridentate edge sharing complex (TE) was also considered with a Ni-Mn shell at an 
interatomic distance (~3.0 Å) intermediate between incorporated and DC/TC complexes. This 
complex has been seen previously in Ni adsorption to triclinic birnessite at circumneutral pH 
(Simanova et al., 2015; Hinkle et al., 2017). 
Aging Mn oxides at pH 4 and 7 resulted in a mixture of Ni incorporated in vacancies and 
as DC/TC surface complexes. Fitting of the EXAFS spectra resulted in high coordination 
numbers for the DC/TC Ni-Mn shell, indicating Ni adsorbs primarily as TC complexes during 
aging, which is consistent with prior results (Hinkle et al., 2017). At pH 4, oxalate had little to no 
effect on the binding mechanisms of Ni to δ-MnO2. However, the coordination number for Ni  
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Figure 4.11: Data (dotted) and model fits (lines) of Ni K-edge EXAFS spectra (left), Fourier 
transform magnitudes (center), and real components of the Fourier transforms (right) for δ-MnO2 
(δ) and hexagonal birnessite (hbir) at pH 4 and 7 reacted with no acid (no), oxalate (ox), citrate 
(cit), or hydroxybenzoic acid (hba).  
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adsorbed as DC/TC complexes decreased in the presence of 4-hydroxybenzoate and citrate. In 
addition, citrate suppressed Ni incorporation. This suggests that these two organic acids inhibit 
binding at vacancies and drive metals to the edges of Mn oxide sheets. In contrast, Ni 
incorporation into δ-MnO2 increased at pH 7 in the presence of oxalate and 4-hydroxybenzoate. 
As was seen at pH 4, Ni incorporation was inhibited in the presence of citrate at pH 7 and Ni 
adsorption at sheet edges increased, forming both DC and TE complexes. 
Structural model fitting to EXAFS spectra revealed that similar Ni binding mechanisms 
occurred on hexagonal birnessite (Table 4.5). Ni incorporation into hexagonal birnessite 
remained relatively constant in the presence and absence of oxalate and 4-hydroxybenzoate at 
pH 4, whereas citrate again inhibited incorporation. Ni-Mn coordination numbers associated with 
DC/TC complexes decreased in the presence of organic acids, suggesting less adsorption over 
vacancy sites. Likewise, at pH 7 the presence of the organic acids suppressed Ni adsorption as 
TC complexes, favoring DC complexes on sheet edges. Citrate further promoted adsorption at 
sheet edges as TE complexes and inhibited Ni incorporation at pH 7, as was seen with δ-MnO2.  
 
Table 4.5: Ni EXAFS spectra structural fitting results for Mn oxides reacted with organic acids. 
Sample Shell Na R(Å)b σ2 (Å2)c 
ΔE0 
(eV)d χv2 e 
pH 4       
δ-MnO2 Ni-O 6 2.056(5) 0.0057(4) 1.7(7) 6.37 
OA-free Ni-Mnincor1 0.4(2) 2.88(3) 0.0067   
 Ni-MnDC/TC1 8.5(4) 3.491(6) 0.009   
 Ni-Mnincor2 0.4 5.0(1) 0.0067   
 Ni-MnDC/TC2 8.5 5.44(1) 0.009   
 Ni-Mnincor3 0.4 6.0(2) 0.0067   
       
δ-MnO2 Ni-O 6 2.058(4) 0.0059(3) 1.8(7) 4.17 
Oxalate Ni-Mnincor1 0.3(2) 2.89(4) 0.0067   
 Ni-MnDC/TC1 8.1(4) 3.493(6) 0.009   
 Ni-Mnincor2 0.3 5.0(2) 0.0067   
 Ni-MnDC/TC2 8.1 5.43(2) 0.009   
 Ni-Mnincor3 0.3 5.6(5) 0.0067   
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δ-MnO2 Ni-O 6 2.048(8) 0.0059(5) 0(1) 3.59 
Citrate Ni-MnDC/TC1 3.0(5) 3.47(2) 0.009   
 Ni-MnDC/TC2 3.0 5.39(4) 0.009   
       
δ-MnO2 Ni-O 6 2.047(6) 0.0058(4) 1(1) 9.21 
4-hydroxybenzoate Ni-Mnincor1 0.3(2) 2.87(4) 0.0067   
 Ni-MnDC/TC1 3.7(4) 3.47(1) 0.009   
 Ni-Mnincor2 0.3 4.9(2) 0.0067   
 Ni-MnDC/TC2 3.7 5.44(3) 0.009   
 Ni-Mnincor3 0.3 6.0(3) 0.0067   
       
HBir Ni-O 6 2.047(5) 0.0054(4) -1.8(9) 22.69 
OA-free Ni-Mnincor1 0.4(2) 2.83(3) 0.0067   
 Ni-MnDC/TC1 6.5(5) 3.480(8) 0.009   
 Ni-Mnincor2 0.4 5.0(2) 0.0067   
 Ni-MnDC/TC2 6.5 5.42(2) 0.009   
 Ni-Mnincor3 0.4 6.0(2) 0.0067   
       
HBir Ni-O 6 2.064(7) 0.0056(5) 0(1) 19.57 
Oxalate Ni-Mnincor1 0.5(3) 2.90(4) 0.0067   
 Ni-MnDC/TC1 4.9(6) 3.50(1) 0.009   
 Ni-Mnincor2 0.5 5.1(2) 0.0067   
 Ni-MnDC/TC2 4.9 5.44(3) 0.009   
 Ni-Mnincor3 0.5 6.0(3) 0.0067   
       
HBir Ni-O 6 2.047(5) 0.0056(3) -1.5(9) 2.05 
Citrate Ni-MnDC/TC1 3.0(3) 3.47(1) 0.009   
 Ni-MnDC/TC2 3.0 5.45(3) 0.009   
       
HBir Ni-O 6 2.049(6) 0.0052(4) -1(1) 4.42 
4-hydroxybenzoate Ni-Mnincor1 0.3(2) 2.90(4) 0.0067   
 Ni-MnDC/TC1 2.7(4) 3.48(1) 0.009   
 Ni-Mnincor2 0.3 5.1(2) 0.0067   
 Ni-MnDC/TC2 2.7 5.40(4) 0.009   
 Ni-Mnincor3 0.3 6.0(3) 0.0067   
pH 7       
δ-MnO2 Ni-O 6 2.051(6) 0.0064(4) 1.1(9) 7.63 
OA-free Ni-Mnincor1 0.9(2) 2.87(2) 0.0067   
 Ni-MnDC/TC1 6.6(5) 3.477(5) 0.009   
 Ni-Mnincor2 0.9 4.94(7) 0.0067   
 Ni-MnDC/TC2 6.6 5.43(2) 0.009   
 Ni-Mnincor3 0.9 6.4(2) 0.0067   
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δ-MnO2 Ni-O 6 2.044(5) 0.0060(4) 1.7(7) 6.25 
Oxalate Ni-Mnincor1 2.4(2) 2.871(7) 0.0067   
 Ni-MnDC/TC1 6.8(4) 3.486(7) 0.009   
 Ni-Mnincor2 2.4 4.97(3) 0.0067   
 Ni-MnDC/TC2 6.8 5.46(2) 0.009   
 Ni-Mnincor3 2.4 5.90(4) 0.0067   
       
δ-MnO2 Ni-O 6 2.052(8) 0.0060(4) 0(2) 12.02 
Citrate Ni-MnTE 2(1) 2.99(4) 0.01   
 Ni-MnDC/TC1 2.6(5) 3.49(2) 0.009   
 Ni-MnDC/TC2 2.6 5.37(5) 0.009   
       
δ-MnO2 Ni-O 6 2.047(4) 0.0058(3) 0.1(6) 10.01 
4-hydroxybenzoate Ni-Mnincor1 1.2(1) 2.876(9) 0.0067   
 Ni-MnDC/TC1 6.0(3) 3.473(6) 0.009   
 Ni-Mnincor2 1.2 4.96(4) 0.0067   
 Ni-MnDC/TC2 6.0 5.44(2) 0.009   
 Ni-Mnincor3 1.2 5.93(6) 0.0067   
       
HBir Ni-O 6 2.047(5) 0.0060(5) -1.6(8) 20.68 
OA-free Ni-Mnincor1 1.7(2) 2.859(9) 0.0067   
 Ni-MnDC/TC1 7.8(5) 3.479(7) 0.009   
 Ni-Mnincor2 1.7 4.97(4) 0.0067   
 Ni-MnDC/TC2 7.8 5.44(2) 0.009   
 Ni-Mnincor3 1.7 5.91(6) 0.0067   
       
HBir Ni-O 6 2.048(5) 0.0057(4) -1(1) 15.30 
Oxalate Ni-Mnincor1 0.5(2) 2.88(3) 0.0067   
 Ni-MnDC/TC1 4.7(4) 3.470(9) 0.009   
 Ni-Mnincor2 0.5 5.0(1) 0.0067   
 Ni-MnDC/TC2 4.7 5.43(2) 0.009   
 Ni-Mnincor3 0.5 6.0(2) 0.0067   
       
HBir Ni-O 6 2.042(6) 0.0055(3) -3(1) 9.69 
Citrate Ni-MnTE 2.4(9) 2.96(3) 0.01   
 Ni-MnDC/TC1 1.4(4) 3.49(2) 0.009   
 Ni-MnDC/TC2 1.4 5.59(7) 0.009   
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HBir Ni-O 6 2.042(5) 0.0059(3) -2.2(9) 10.67 
4-hydroxybenzoate Ni-Mnincor1 0.4(2) 2.88(3) 0.0067   
 Ni-MnDC/TC1 4.1(3) 3.467(8) 0.009   
 Ni-Mnincor2 0.4 5.0(1) 0.0067   
 Ni-MnDC/TC2 4.1 5.43(2) 0.009   
 Ni-Mnincor3 0.4 5.8(2) 0.0067   
a Coordination number.b Interatomic distance .c Debye-Waller factor. dDifference in the 
threshold Fermi level between data and theory. eReduced chi squared, a goodness of fit 
parameter (Kelly et al., 2008).  fStatistical uncertainties at the 68% confidence level are reported 
in parentheses. Parameters with no listed uncertainties were not varied during the fitting. 
 
 
Zn Speciation 
Unlike Ni, incorporation of Zn into phyllomanganates sheets does not occur because of 
its larger ionic radius (Manceau et al., 2007). However, adsorbed Zn can occur in both 
tetrahedral and octahedral coordination states (Manceau et al., 2002; Toner et al., 2006). These 
are visually distinguishable in EXAFS spectra by the position of the first feature in the Fourier 
transform, which shifts from lower distances for IVZn to higher distances for VIZn. However, 
mixtures of both coordination states are common and require structural model fitting to quantify, 
albeit often with relatively large uncertainties. Such mixtures may split Zn-O and Zn-Mn shells 
or produce a Fourier transform feature at intermediate values when spectrally unresolved 
(Manceau et al., 2002; Toner et al., 2006; Manceau et al., 2007). The two Zn coordination states 
yield distinct interatomic distances of the Zn-O and Zn-Mn shells in such models, where IVZn is 
characterized by IVZn-O at ~1.95 Å and DC/TC IVZn-Mn shells at ~3.3 Å and ~5.3 Å. The 
interatomic distances for VIZn are slightly longer with VIZn-O at ~2.10 Å and VIZn-Mn DC/TC at 
~3.45 Å and 5.45 Å (Manceau et al., 2002; Toner et al., 2006; Manceau et al., 2007). As for Ni, 
DC (on edges) and TC (above vacancies) Zn surface complexes can be distinguished by the 
coordination number for the corresponding Zn-Mn shells. Given these structural considerations,  
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Figure 4.12: Zn EXAFS spectra (dotted) of δ-MnO2 (δ) and hexagonal birnessite (hbir) at pH 4 
and 7 reacted with no acid (no), oxalate (ox), citrate (cit), or 4-hydroxybenzoate (hba). Structural 
model fits (lines) of Zn K-edge EXAFS spectra (left), Fourier transform magnitudes (center), and 
real components of the Fourier transforms (right).   
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model fits (Table 4.6) of Zn EXAFS spectra (Figure 4.12) included up to seven shells when IVZn 
and VIZn were resolvable and both DC/TC and TE complexes were present. 
  Aging δ-MnO2 in the absence of organic acids resulted in spectra to which only one Zn-
O shell could be fitting. This has been previously observed for similar samples (Hinkle et al., 
2017) and likely results from one Zn coordination state (octahedral in this case) being dominant. 
Similarly, δ-MnO2 reacted with oxalate resulted in unresolved Zn-O shells. However, in the 
presence of citrate and 4-hydroxybenzoate, split Zn-O shells were identified through fitting.  
Aging δ-MnO2 without organic acids and with oxalate favored VIZn whereas citrate and 4-
hydroxybenzoate favored IVZn at both acidic and neutral pH. Under all conditions, a mixture of 
DC and TC Zn surface complexes are present. For aged δ-MnO2 without organic acids, IVZn 
predominantly adsorbed as DC complexes while VIZn adsorbed as TC complexes at pH 4 and 7. 
In the presence of oxalate, the number of Mn neighbors of VIZn was reduced at pH 4 suggesting a 
mixture of DC and TC complexes while no changes to the binding mechanisms of Zn occurred at 
pH 7 compared to in the absence of organic acids. Citrate and 4-hydroxybenzoate also reduced 
the coordination number of VIZn-Mn shells and suggests a mixture of DC and TC complexes. 
IVZn adsorbed as DC complexes in all cases except in the presence of 4-hydroxybenzoate where 
TC complexes were also present. In the presence of citrate and 4-hydroxybenzoate at pH 7 and 
4-hydroxybenzoate at pH 4, TE complexes also formed.  
 Tetrahedral coordinated Zn was preferred in the presence and absence of organic acids to 
hexagonal birnessite. This differs slightly from δ-MnO2 where VIZn was favored in the presence 
and absence of oxalate and suggests that increased solid-phase Mn(III) favors IVZn.  Fitting of 
the Zn EXAFS spectra for hexagonal birnessite suggests that both IVZn and VIZn were adsorbed 
as DC complexes in the presence and absence of organic acids at pH 4. However, 4-
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hydroxybenzoate may promote a mixture of VIZn DC and TC complexes. This suggests that 
whereas macroscopically Zn adsorption to hexagonal birnessite decreased in the presence of the 
organic acids at pH 4, this was associated with little to no change in the binding mechanisms 
(Figure 4.8). Aging hexagonal birnessite in the absence and presence of oxalate and citrate 
promoted Zn adsorption to sheet edges as DC complexes. In the presence of 4-hydroxbenzoate, 
Zn adsorbed as a mixture of DC and TC complexes and as TE complexes. Interestingly, Zn 
sorbed to hexagonal birnessite with citrate at pH 7 resulted in changes in the XANES spectra that 
differed from other samples (Figure A4.4). The resulting spectral features are similar to those 
seen for the Zn(II)-Mn(III) oxide hetaerolite (ZnMn2O4) (Lefkowitz and Elzinga, 2015) 
suggesting that this phase precipitated. Lefkowitz and Elzing (2015) found that such precipitates 
form in the presence of 1 mM Mn(II), 0.2 mM Zn and hexagonal birnessite at pH 7.5, similar to 
the conditions generated by citrate at pH 7. Notably, dissolved Zn and Mn concentrations for this 
sample did not follow the trends seen for other organic acids and for Ni. Precipitation of 
hetaerolite provides a mechanism to explain the observed lower metal concentrations. 
 
Table 4.6: Zn EXAFS spectra structural fitting results for Mn oxides reacted with organic acids. 
Sample Shell Na R(Å)b σ2 (Å2)c 
ΔE0 
(eV)d χv2 e 
pH 4       
δ-MnO2 Zn-O 8(1) 2.08(1) 0.011(2) 3(2) 54.51 
OA-free IVZn-Mn DC/TC1 1.1(9) 3.34(6) 0.007   
 VIZn-Mn DC/TC1 6(1) 3.52(2) 0.007   
 IVZn-Mn DC/TC2 1.1 5.4(1) 0.007   
 VIZn-Mn DC/TC2 6 5.47(2) 0.007   
       
δ-MnO2 Zn-O 8(1) 2.07(1) 0.012(2) 3(1) 33.35 
Oxalate IVZn-Mn DC/TC1 1.0(6) 3.32(4) 0.007   
 VIZn-Mn DC/TC1 3.6(6) 3.51(2) 0.007   
 IVZn-Mn DC/TC2 1.0 5.37(8) 0.007   
 VIZn-Mn DC/TC2 3.6 5.45(3) 0.007   
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δ-MnO2 IVZn-O 2.7(1) 1.96(1) 0.0017(9) 6(1) 10.59 
Citrate VIZn-O 1.9 2.11(2) 0.0017   
 IVZn-MnDC/TC1 2.5(4) 3.29(3) 0.007   
 VIZn-Mn DC/TC1 3.3(5) 3.44(2) 0.007   
 IVZn-Mn DC/TC2 2.5 5.30(4) 0.007   
 VIZn-Mn DC/TC2 3.3 5.43(3) 0.007   
       
δ-MnO2 IVZn-O 2.7(1) 1.94(1) 0.0023(9) 4(1) 9.58 
4-hydroxybenzoate VIZn-O 2.0 2.08(2) 0.0023   
 Zn-MnTE 1.7(8) 3.17(6) 0.01   
 IVZn-MnDC/TC1 3.6(8) 3.32(4) 0.007   
 VIZn-Mn DC/TC1 2.4(8) 3.46(4) 0.007   
 IVZn-Mn DC/TC2 3.6 5.32(3) 0.007   
 VIZn-Mn DC/TC2 2.4 5.46(4) 0.007   
       
HBir IVZn-O 2.4(2) 2.00(2) 0.001(1) 5(2) 37.33 
OA-free VIZn-O 2.4 2.13(2) 0.001   
 IVZn-MnDC/TC1 1.3(6) 3.31(4) 0.007   
 VIZn-Mn DC/TC1 2.1(6) 3.50(3) 0.007   
 IVZn-Mn DC/TC2 1.3 5.34(7) 0.007   
 VIZn-Mn DC/TC2 2.1 5.46(5) 0.007   
       
HBir IVZn-O 2.3(2) 1.98(2) 0.001(1) 4(2) 16.67 
Oxalate VIZn-O 2.5 2.12(2) 0.001   
 IVZn-MnDC/TC1 1.5(5) 3.27(3) 0.007   
 VIZn-Mn DC/TC1 1.9(5) 3.44(3) 0.007   
 IVZn-Mn DC/TC2 1.5 5.30(1) 0.007   
 VIZn-Mn DC/TC2 1.9 5.44(6) 0.007   
       
HBir IVZn-O 2.5(1) 1.96(1) 0.0017(9) 4(2) 7.10 
Citrate VIZn-O 2.2 2.11(2) 0.0017   
 IVZn-MnDC/TC1 2.0(4) 3.27(6) 0.007   
 VIZn-Mn DC/TC1 2.5(4) 3.43(2) 0.007   
 IVZn-Mn DC/TC2 2.0 5.27(4) 0.007   
 VIZn-Mn DC/TC2 2.5 5.39(3) 0.007   
       
HBir IVZn-O 2.6(2) 1.95(1) 0.003(1) 3(1) 8.01 
4-hydroxybenzoate VIZn-O 2.1 2.08(3) 0.003   
 IVZn-MnDC/TC1 2.1(3) 3.25(2) 0.007   
 VIZn-Mn DC/TC1 3.0(3) 3.41(2) 0.007   
 IVZn-Mn DC/TC2 2.1 5.28(4) 0.007   
 VIZn-Mn DC/TC2 3.0 5.42(3) 0.007   
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pH 7       
δ-MnO2 Zn-O 6.1(9) 2.04(1) 0.012(2) 0(1) 22.72 
OA-free IVZn-MnDC/TC1 2.2(5) 3.31(2) 0.007   
 VIZn-Mn DC/TC1 4.7(5) 3.48(1) 0.007   
 IVZn-Mn DC/TC2 2.2 5.32(4) 0.007   
 VIZn-Mn DC/TC2 4.7 5.44(2) 0.007   
       
δ-MnO2 Zn-O 8(1) 2.07(1) 0.013(2) 3(2) 72.50 
Oxalate IVZn-MnDC/TC1 1.9(7) 3.35(4) 0.007   
 VIZn-Mn DC/TC1 5.0(8) 3.51(2) 0.007   
 IVZn-Mn DC/TC2 1.9 5.36(6) 0.007   
 VIZn-Mn DC/TC2 5.0 5.45(2) 0.007   
       
δ-MnO2 IVZn-O 2.8(2) 1.95(1) 0.003(1) 4(2) 20.73 
Citrate VIZn-O 1.8 2.09(2) 0.003   
 Zn-MnTE 1.8(7) 3.15(4) 0.01   
 IVZn-MnDC/TC1 3.6(8) 3.31(4) 0.007   
 VIZn-Mn DC/TC1 2.6(8) 3.47(4) 0.007   
 IVZn-Mn DC/TC2 3.6 5.32(3) 0.007   
 VIZn-Mn DC/TC2 2.6 5.46(4) 0.007   
       
δ-MnO2 IVZn-O 2.6(2) 1.94(1) 0.003(1) 3(1) 14.42 
4-hydroxybenzoate VIZn-O 2.1 2.07(2) 0.003   
 Zn-MnTE 1.7(7) 3.13(4) 0.01   
 IVZn-MnDC/TC1 4.2(8) 3.31(3) 0.007   
 VIZn-Mn DC/TC1 2.9(6) 3.46(3) 0.007   
 IVZn-Mn DC/TC2 4.2 5.32(2) 0.007   
 VIZn-Mn DC/TC2 2.9 5.45(3) 0.007   
       
HBir IVZn-O 2.4(1) 1.96(2) 0.002(1) 3(2) 9.28 
OA-free VIZn-O 2.5 2.11(2) 0.002   
 IVZn-MnDC/TC1 1.7(4) 3.30(3) 0.007   
 VIZn-Mn DC/TC1 2.8(7) 3.48(2) 0.007   
 IVZn-Mn DC/TC2 1.7 5.33(4) 0.007   
 VIZn-Mn DC/TC2 2.8 5.44(3) 0.007   
       
HBir IVZn-O 2.0(6) 1.92(5) 0.005(3) 3(3) 7.03 
Oxalate VIZn-O 3.0 2.06(4) 0.005   
 IVZn-MnDC/TC1 1.7(6) 3.23(4) 0.007   
 VIZn-Mn DC/TC1 2.7(7) 3.41(3) 0.007   
 IVZn-Mn DC/TC2 1.7 5.27(8) 0.007   
 VIZn-Mn DC/TC2 2.7 5.40(6) 0.007   
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HBir IVZn-O 3.1(4) 1.98(2) 0.003(2) 9(1) 6.83 
Citrate VIZn-O 1.4 2.12(4) 0.003   
 IVZn-MnDC/TC1 2(1) 3.41(8) 0.007   
 VIZn-Mn DC/TC1 2(1) 3.43(8) 0.007   
 IVZn-Mn DC/TC2 2 5.33(6) 0.007   
 VIZn-Mn DC/TC2 2 5.54(7) 0.007   
       
HBir IVZn-O 2.8(2) 1.95(1) 0.0026(9) 4(1) 7.44 
4-hydroxybenzoate VIZn-O 1.8 2.08(2) 0.0026   
 Zn-MnTE 1.5(6) 3.12(5) 0.01   
 IVZn-MnDC/TC1 3.4(7) 3.29(3) 0.007   
 VIZn-Mn DC/TC1 2.9(6) 3.44(3) 0.007   
 IVZn-Mn DC/TC2 3.4 5.31(3) 0.007   
 VIZn-Mn DC/TC2 2.9 5.44(3) 0.007   
 
a Coordination number. b Interatomic distance. c Debye-Waller factor. dDifference in the 
threshold Fermi level between data and theory. eReduced chi squared, a goodness of fit 
parameter (Kelly et al., 2008).  fStatistical uncertainties at the 68% confidence level are reported 
in parentheses. Parameters with no listed uncertainties were not varied during the fitting. 
 
4.5 DISCUSSION 
4.5.1 Reactivity of Organic Acid Oxidation Products 
 The presence of organic acids resulted in minimal structural changes to the 
phyllomanganates sheet structure compared to the aged samples. However, the AMOS was 
greatly reduced and dissolved Mn(II) increased in the presence of oxalate, 4-hydroxybenzoate, 
and citrate. Oxalate had the least effect on the transformation of the Mn oxides whereas citrate 
and 4-hydroxybenzoate had greater effects lowering the AMOS by ~0.2 to ~0.4 for δ-MnO2 and 
hexagonal birnessite. Previous work has only attributed the dissolution of Mn oxides to the first 
oxidation step for organic acids, involving 2-electron transfer per molecule (Stone and Morgan, 
1984; Wang and Stone, 2006a; Wang and Stone 2006b) or avoided further reduction of the 
minerals by oxidation products by considering only the initial rates of dissolution (Stone, 1987). 
However, as seen in this study, oxidation products of citrate and 4-hydroxybenzoate also reduces 
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Mn in the minerals and substantially increases the total amount of electron transfer in these 
systems, with citrate fully oxidizing at pH 4 and 5.5. Earlier studies likely did not observe 
substantial oxidation beyond the initial 2-electron step as complete reductive dissolution of Mn 
oxides often occurred first [i.e., the electron transfer per molecule of citrate was equal to the 
number of electrons needed to fully dissolve the Mn oxides to aqueous Mn(II)]. Even here, we 
see incomplete oxidation in many cases as the theoretical reduction capacity is not achieved for 
citrate at pH 7 and 4-hydroxybenzoate. Further work is needed to identify if full mineralization 
of the organic acids to CO2 is achievable over a longer aging time or if there is a threshold 
AMOS value of the solids below which reduction of Mn oxides by citrate and 4-
hydroxybenzoate no longer occurs.  
Citrate, which has a reduction capacity of 18-electron transfer per molecule, resulted in 
greater Mn reduction than 4-hydroxybenzoate even though the latter has a greater reduction 
capacity (28-electrons per molecule). The oxidation products of citrate may have lower reduction 
potentials than the oxidation products of 4-hydroxybenzoate, resulting in more electron transfer 
per molecule. Likewise, the 4-hydroxybenzoate and its oxidation products may weakly sorb to 
the Mn oxides which could inhibit electron transfer. Additional insight into the oxidation 
products of 4-hydroxybenzoate and their interactions with phyllomanganates is needed to 
examine this behavior further.  
 
4.5.2 Effects of Reduction by Organic Acids on Mn Oxide Structure 
Aqueous Mn adsorbed above vacancies resulted in vacancy capping for all conditions. 
Previous research has shown that while Mn(II) adsorbs above vacancy sites in biogenic, 
hexagonal Mn oxides, the interlayer Mn decreases from pH 5 to 8 (Zhu et al., 2010b). This 
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behavior indicates that Mn(II) oxidizes via comproportionation of Mn(II)-Mn(IV) and 
incorporates in the sheet structure as Mn(III). This likely occurred, though at lower pH, in the 
hexagonal birnessite systems at pH 4 promoting the formation of mixed sheet symmetry. The 
mixed sheet symmetry was also identified for hexagonal birnessite after reaction with dissolved 
Mn(II) at pH 4 in a previous study (Hinkle et al., 2016). Hinkle et al. (2016) also observed this 
phenomenon for δ-MnO2 aged in the presence of 7.5 mM dissolved Mn(II) at pH 4. δ-MnO2 
reacted with citrate and 4-hydroxybenzoate at pH 4 in this study resulted in concentrations of 
dissolved Mn(II) and AMOS comparable to that of 7.5 mM dissolved Mn(II), however, mixed 
sheet symmetry did not occur. At pH 7, improved sheet stacking of δ-MnO2 occurred while 
organic acids did not appear to alter the hexagonal birnessite structure, similar to prior work with 
0.75 mM dissolved Mn(II) (Hinkle et al., 2016). No phase transformations occurred during the 
aging of the Mn oxides with the organic acids in this study.  
While transformation from orthogonal symmetry to hexagonal symmetry has been well 
studied during acidification (Lanson et al., 2000; Drits et al., 2007; Zhu et al., 2010b) or in the 
presence of heavy metals (Lanson et al., 2002) less is known concerning the reverse reaction, i.e. 
the transformation from hexagonal to orthogonal symmetry. The presence of dissolved Mn(II) 
with biogenic Mn oxides has shown that this reaction does occur and pH plays an important role 
(Bargar et al., 2005; Webb et al., 2005a; Webb et al., 2005b). Zhao et al. (2016) examined the 
transformation of acid birnessite and δ-MnO2 from hexagonal to orthogonal symmetry at high 
pH but was dependent on the Mn(II) concentration and anoxic or oxic conditions where the 
change in symmetry was suppressed under anoxic conditions and no transformations were 
observed at pH 7. This is consistent with this study where changes to the symmetry of δ-MnO2 
and hexagonal birnessite were not seen at neutral pH. However, the transformation of hexagonal 
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birnessite from hexagonal to orthogonal symmetry at pH 4 presented here suggests that this 
reaction can occur at lower pH.  
It was suggested by Hinkle et al. (2016) that there must be a threshold Mn(III) content 
that exist where below it the transition toward orthogonal symmetry may occurs. It was believed 
that AMOS less than ~3.8 and 10-15 mol% Mn(III) were required to induce the restructuring of 
the Mn oxides (Hinkle et al., 2016). This study has shown that at AMOS lower than 3.8 did not 
directly result in the transformation from hexagonal to orthogonal symmetry as it would have 
been expected for hexagonal birnessite in the presence of 4-hydroxybenzoate and δ-MnO2 
reacted with citrate and 4-hydroxybenzoate. Instead, either the AMOS threshold is lower, does 
not exist, or citrate and 4-hydroxybenzoate inhibits the symmetry transition. A lower threshold is 
unlikely the case as the AMOS for δ-MnO2 and hexagonal birnessite reacted with citrate are the 
same. Likewise, 4-hydroxybenzoate resulted in the lowest AMOS for hexagonal birnessite at pH 
4 suggesting that if there was a threshold, this would have resulted in the mixture of hexagonal 
and orthogonal symmetric sheets. Instead these organic acids, while reducing the AMOS of the 
Mn oxides and increasing the amount of Mn(II) in solution, suppresses or inhibits the transition 
from hexagonal to orthogonal symmetry.  
These distinct effects of dissolved Mn(II) and organic acids may be due to where 
reduction of the Mn oxides occurs. Organic acids such as citrate and 4-hydroxybenzoate are 
likely repulsed from the interlayers of phyllomanganates due to their charge and size. Instead, 
reduction of the Mn oxides likely occurred at sheet edges, increasing Mn(III) content on the 
edges and not at vacancy sites unless electron conduction occurs through the mineral structure. 
Mn EXAFS spectra did indicate visual dampening of the 6.7 Å-1 and 9.2 Å-1 features for δ-MnO2 
and hexagonal birnessite reacted with citrate and 4-hydroxybenzoate which are thought to be 
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attributed to the formation of phyllomanganates with mixed sheet symmetries (Hinkle et al., 
2016). This suggests that while structural changes are not identified by XRD, changes to the 
sheet symmetry may still occur. Fitting of these spectra could be used to better understand the 
effects these organic acids have on the structure of δ-MnO2 and hexagonal birnessite. Overall, 
despite the slight changes to the phyllomanganates including sheet stacking improvement, 
shifting from hexagonal to orthogonal symmetry, and the reduction in AMOS, the solids 
remained birnessite-type minerals which preserved the phyllomanganate structure in the presence 
of all organic acids at both weakly acidic and neutral pH.  
 
4.5.3 Ni and Zn Fate during Aging of Mn Oxides in the Presence of Organic Acids  
At weakly acidic and neutral pH, the presence of organic acids impacted Ni and Zn 
uptake to Mn oxides. In most case, more Zn than Ni was retained in solution. Oxalate only 
slightly suppressed metal uptake to δ-MnO2 at pH 4 and 7 and to hexagonal birnessite at pH 7, 
whereas, at pH 4, adsorbed metals decreased in the presence of citrate and 4-hydroxybenzoate. 
Ni and Zn binding mechanisms also changed to weaker adsorption sites during aging of Mn 
oxides over 28 days in the presence of the organic acids, i.e., from incorporation and adsorption 
above vacancies to adsorption at sheet edges. Previous studies concerning Ni and Zn adsorption 
mechanisms onto Mn oxides documented similar behaviors in the presence of Mn(II) at various 
pH conditions (Simanova et al., 2015; Hinkle et al., 2017; Lefkowitz and Elzinga, 2017). Ni 
adsorption transitioned from above vacancy sites to the sheet edges of hexagonal birnessite in the 
presence of citrate and 4-hydroxybenzoate at pH 4 and 7. This also occurred for δ-MnO2 reacted 
with citrate, whereas oxalate and 4-hydroxybenzoate promoted incorporation of Ni into the 
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phyllomanganates sheets of δ-MnO2 at pH 7, although adsorption of Ni remained relatively 
unchanged.  
The change in Ni binding mechanisms from above vacancy sites to sheet edges may be 
due to an increase of Mn(II) or Mn(III) adsorbed over vacancy sites as the Mn oxides are 
reduced in the presence of the organic acids. Likewise, the transformation of hexagonal 
birnessite to a pseudo-orthogonal symmetry, where Mn(III) is incorporated into vacancy sites 
may also have resulted in fewer vacancy sites for Ni to adsorb onto or be incorporated into 
hexagonal birnessite at pH 4. These changes resulted in an increase of Ni in solution for all 
organic acids experiments. The binding mechanisms for Ni adsorption changed under almost all 
conditions considered (except for δ-MnO2 reacted with oxalate at pH 4), although the presence of 
citrate resulted in the largest change and did not vary based on pH or mineral structure. Metal 
retention and the amount of dissolved Mn(II) were also enhanced compared to other organic 
acids with greater effects at pH 4 than pH 7. Inhibition of the incorporation of Ni at pH 4 and 7 
and the formation of TE complexes at pH 7 suggest that dissolved Mn(II) competed for 
adsorption sites above sheet vacancies and on particle edges. Another possibility is that the TE 
complexes resulted from Mn(III) formed on edges by comproportionation of sorbed Mn(II) with 
Mn(IV), with the former either reacting directly or as Mn(II)-citrate complexes (Wang and 
Stone, 2006b). Mn(III) at the sheet edges leads to a preference of Ni TE over DC complexes 
(Simanova et al., 2015; Zhao et al., 2016; Hinkle et al., 2017). The longer metal-Mn distances for 
TE complexes compared to those for incorporation are a result of size differences between 
Mn(III) and Mn(IV), which support TE complexes being favored in the presence of increased 
Mn(III) content as observed here in the presence of citrate.  
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 Zn has been shown to favor octahedral coordination at high Zn loadings and with strong 
sheet stacking (Lanson et al., 2002; Manceau et al., 2002). Here we found that while the aging of 
δ-MnO2 increased sheet stacking at pH 7, only in the organic acid-free and oxalate samples was 
VIZn preferred. Citrate and 4-hydroxybenzoate samples preferred IVZn and promoted Zn 
adsorption to sheet edges. Zn uptake onto δ-MnO2 also remained relatively stable at pH 7 in the 
presence of all organic acids. This relationship between the organic acids and Zn coordination 
also exists at pH 4, although uptake decreased, suggesting that the presence of specific organic 
acids is a primary control on Zn speciation. For hexagonal birnessite, except for citrate and 4-
hydroxybenzoate at pH 4, all systems favored VIZn.   
In most cases, adsorbed Zn shifted from above vacancy sites to particle edges (i.e., from 
TC to DC complexes) in the presence of the organic acids, although spectra of samples 
containing 4-hydroxybenzoate suggested a mixture of these complexes as well as the presence of 
TE complexes. The shift from TC to DC complexes for Zn adsorbed to hexagonal birnessite at 
pH 4 is accompanied by the increase of Zn in solution and may have been promoted by the 
formation of orthogonal symmetric sheets as these sheets have more structural Mn(III) and fewer 
vacancies (Lanson et al., 2000; Drits et al., 2007). Similarly, competition with Mn for adsorption 
over vacancy sites may also have occurred in the other conditions studied, as aging of the Mn 
oxides with organic acids resulted in increased vacancy capping in the absence of Ni and Zn. 
Adsorption at sheet edges as TE complexes in the presence of 4-hydroxybenzoate and also for 
citrate adsorbed to δ-MnO2 at pH 7 may correspond to the competition with Mn for adsorption 
sites. 
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4.5.4 Implications for Other Trace Metals 
Phyllomanganates are considered scavengers of trace metals in natural systems (Post, 
1999; Tebo et al., 2004). Similar adsorption and binding mechanisms may therefore occur for 
other trace metals during reductive transformations of δ-MnO2 and hexagonal birnessite. The 
relative role of surface complexation of organic acids and trace metals would not affect trace 
metal adsorption behavior in these systems as organic acids are fully consumed. Instead, 
competition with the dissolved Mn(II) produced for adsorption sites occurs. If Mn(II) has a 
stronger affinity to Mn oxides than other trace metals, then decreased retention of trace metals by 
these minerals may occur as well as possibly driving such metals to weaker binding sites, as seen 
here with Ni and Zn. For example, Cu has been identified to be released during reductive 
dissolution of Mn oxides by organic acids (Godtfredsen and Stone, 1994) and through acid 
treatment where reduction of the mineral occurs and Cu release was faster than Ni release (Qin et 
al., 2017). This suggest that Cu uptake, like Ni and Zn, would be suppressed in the presence of 
the organic acids. Similar to Ni, Cu can be incorporated into the phyllomanganates layers or 
adsorb as DC/TC complexes (Manceau et al., 2002; Peña et al., 2015; Qin et al., 2017). 
Competition with dissolved Mn(II) after reduction in the presence of organic acids may therefore 
result in Cu adsorption occurring at weaker binding sites. Likewise, Co may incorporate into the 
mineral sheet structure and it is assumed that in the presence of organic acids, Co may behave 
similar to Ni as seen in this study. However, oxidation of Co(II) to Co(III) is known to occur 
coupled to reduction of Mn in phyllomanganate sheets (Manceau et al. 1997; Tebo et al., 2004). 
Co(III) may thus be reduced in the presence of the organic acids during reductive 
transformations of the Mn oxides; such reduction is required in order to solubilize Co. The 
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additional reduction reactions involving Co may result in a unique behavior for this metal 
compared to what is observed in the present study for Ni and Zn.   
 
4.5.5 Relevance to Environmental and Geologic Systems 
 Mn oxides such as the phyllomanganates are found in soils, sediments, and aquatic 
environments and are major sinks for trace metals (Post, 1999; Manceau et al., 2002; Manceau et 
al., 2007; Frierdich et al., 2011). However, the ability of natural Mn oxides, closely related to the 
synthetic δ-MnO2 and hexagonal birnessite investigated in the present study (Tebo et al., 2004; 
Bargar et al., 2009; Frierdich et al., 2011), to sequester trace metals may vary in soils and aquatic 
systems if their structures are altered by redox processes. At redox interfaces, dissolved Mn(II) 
coexists with Mn oxides and their reaction fills vacancy sites with Mn(III), reducing trace metal 
binding capacity. Here we show that similar structural changes may occur via reductive 
dissolution by organic acids in systems such as in soils. These reduction reactions may thus be 
more widely geographical distributed than previously expected.  
 Small organic acids, such as oxalate, citrate, and 4-hydroxybenzoate are released from 
plant roots, bacteria, and fungi in the rhizosphere at concentrations that may reach millimolar 
levels (Fox and Comerford, 1990; Marschner, 1995; Jones, 1998; Hongve et al., 2000; Ganor et 
al., 2009). These organic acids are nearly ubiquitous in forest and agricultural soils (Fox and 
Comerford, 1990; Strobel, 2001). The interactions between common organic acids and Mn 
oxides at pH conditions relevant to natural systems results in reduction of δ-MnO2 and hexagonal 
birnessite and production of dissolved Mn(II). This causes subtle alterations to phyllomanganate 
sheet structures but not reductive phase transformation. The capping of vacancy sites and 
changes in sheet symmetry affect the overall reactivity of these phyllomanganates, including 
their affinity for trace metals. For example Ni and Zn, which are two of the common trace metals 
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associated with Mn oxides in nature (Manceau et al., 2002; Lanson et al., 2008), may be 
inhibited from binding or released from pre-adsorbed Mn oxides in the presence of organic acids. 
Mobilized metals such as Ni and Zn, as well as solubilized Mn(II), may then be available as 
micronutrients for plants and organisms or could migrate downwards through the soil leading to 
their redistribution in the profile.  
Organic acids may also form at lower concentrations in groundwater systems via organic 
matter decomposition (McMahon and Chapelle, 1991). This may affect trace metal fate in 
aquatic environments such as caves and karst aquifers where Fe and Mn oxides forming at 
groundwater seeps control trace metal distribution (Frierdich et al., 2011; Frierdich and Catalano, 
2012). In such settings, the metal content of the phyllomanganates has been observed to 
inversely correlate with dissolved Mn(II) (Frierdich and Catalano, 2012), which may be a direct 
effect or a result of reaction with organic acids. As roughly 25% of the world’s population 
depends partly or solely on karst groundwater (Ford and Williams, 2007), understanding the 
interactions between Mn oxides and organic acids and the impact to trace metal mobility is 
essential. Therefore, natural or anthropogenic processes that increase organic acid contents in Mn 
oxide-bearing systems may lead to enhanced micronutrient bioavailability and inhibited 
contaminant sequestration.     
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4.7 APPENDIX 
4.7.1 Manganite Synthesis 
 Manganite was prepared as a Mn reference standard for use with the linear combination 
fitting of the XANES spectra to determine the average oxidation state of the samples. Synthesis 
followed the method outlined in (Frierdich et al., 2016) where 300 mL of 0.2 M NH4OH was 
added to 1 L of 0.06 MMnSO4 over 1 minute to create a pale pink suspension of Mn(OH)2. 
Addition of 30 mL of 30% H2O2 occurred over 3 minutes to oxidize the suspension creating a 
dark brown color. The suspension was then heated at 70°C for 24 hours. The suspension was 
centrifuged at 4500 rpm for 20 minutes and the supernatant was decanted. The mineral was then 
washed 5 times using DI water, suspended, and the supernatant decanted before being dried 
overnight at 70°C and ground to a fine powder for mineral characterization and XAFS 
preparation.   
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4.7.2 Supporting Figures and Tables 
 
 
Figure A4.1: Mn reference standards XANES spectra used for LCF. See Table A4.1 for list of 
Mn(IV) standards (green), Mn(III) standards (blue) and Mn(II) standards (red) and sources.  
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Figure A4.2: XANES spectra (black) and LCF fits (red) of unreacted δ-MnO2 (A) and hexagonal 
birnessite (B) for the syntheses used for XAFS analysis.  
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Figure A4.3: XANES spectra of Ni uptake to δ-MnO2 (δ) and hexagonal birnessite (hbir) at pH 
4 and 7 in the absence (no) and presence of oxalate (ox), citrate (cit), and 4-hydroxybenzoate 
(hba).   
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Figure A4.4: Zn uptake on δ-MnO2 (δ) and hexagonal birnessite XANES spectra after aging in 
the absence (no) and presence of oxalate (ox), citrate (cit), and 4-hydroxybenzoate (hba) at pH 4 
and 7.   
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Table A4.1: List of Mn reference standards and their sources. 
Standard Source/Reference Mn valence 
MnCl2 Alfa Aesar 2 
Rhodochrosite (MnCO3) Butte, Montana 274-1 2 
MnSO4 Fisher Chemical 2 
1M MnSO4  2 
Feitknichtite Manceau et al. (2012) 3 
Manganite  3 
Mn(III) oxide Sigma Aldrich 3 
Mn(IV) Oxide Sigma Aldrich 4 
Ca2Mn3O8 Manceau et al. (2012) 4 
K-Birnessite Manceau et al. (2012) 4 
Ramsdellite Manceau et al. (2012) 4 
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Table A4.2: Linear combination fitting results for unreacted and aged δ-MnO2 in the presence and absence of organic acids.  
Sample ID Standards (wt) Sum 
R-
factor 
(103) 
 MnCl2 MnCO3 MnSO4
1M 
MnSO4
Feitk 
nichtite
Man 
ganite 
Mn(III) 
oxide 
Mn(IV) 
oxide Ca2Mn3O8
K-
Birn 
Rams 
dellite 
 δ-MnO2a 
  
0.07(6) 0.15(3) 0.50(4) 0.29(9) 1.014 0.75 
 δ-MnO2b 
  
  0.06(5) 0.17(3) 0.48(4) 0.30(8) 1.014 0.61     
δ4no    0.15(3) 0.50(3) 0.37(4) 1.014 0.87 
δ4ox  0.027(5) 0.02(2)  0.18(5) 0.47(3) 0.32(4) 1.017 0.73 
δ4cit  0.05(2) 0.03(2) 0.16(3)  0.09(4) 0.48(3) 0.21(3) 1.014 0.58 
δ4hba  0.05(2) 0.04(2) 0.15(2)  0.09(4) 0.47(3) 0.22(3) 1.013 0.50 
δ5.5no  0.007(3)  0.19(3) 0.50(3) 0.32(3) 1.015 0.57 
δ5.5Mn  0.027(4) 0.04(1)  0.19(4) 0.48(3) 0.28(3) 1.016 0.45 
δ5.5ox  0.027(4) 0.04(1)  0.19(4) 0.48(3) 0.28(3) 1.017 0.44 
δ5.5cit  0.076(4) 0.14(3) 0.14(3)  0.08(3) 0.39(2) 0.17(2) 0.990 0.36 
δ5.5hba  0.071(4) 0.10(3) 0.13(3)  0.11(3) 0.42(3) 0.18(3) 1.014 0.39 
              
δ7no    0.17(3) 0.48(3) 0.36(3) 1.013 0.75 
δ7Mn  0.012(3)  0.19(3) 0.54(4) 0.26(8) 1.003 0.59 
δ7ox   0.023(3)  0.19(3) 0.53(3) 0.28(3) 1.014 0.47 
δ7cit  0.064(4) 0.15(3) 0.09(3)  0.19(3) 0.39(3) 0.15(3) 1.029 0.43 
δ7hba  0.050(3) 0.11(3) 0.07(2)  0.13(3) 0.44(2) 0.20(2) 1.014 0.30 
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Table A4.3: Unreacted and aged hexagonal birnessite in the presence and absence of organic acids linear combination fitting results.  
Sample 
ID Standards (wt) Sum 
R-
factor 
(103) 
 MnCl2 MnCO3 MnSO4
1M 
MnSO4
Feitk 
nichtite
Man 
ganite 
Mn(III) 
oxide 
Mn(IV) 
oxide Ca2Mn3O8
K-
Birn 
Rams 
Dellite 
Hbira   0.043(4)         0.08(2)   0.15(4) 0.48(3) 0.26(3) 1.016 0.61 
Hbirb   0.049(4)         0.11(1)   0.17(4) 0.41(3) 0.29(3) 1.021 0.52 
              
hbir4no   0.047(5)         0.11(2)   0.12(4) 0.47(3) 0.28(3) 1.016 0.64 
hbir4ox   0.059(5)         0.11(2)   0.17(5) 0.36(3) 0.31(4) 1.013 0.86 
hbir4cit   0.04(2) 0.05(3)       0.15(3)   0.11(4) 0.43(3) 0.24(3) 1.011 0.65 
hbir4hba   0.03(2) 0.06(3)   0.15(3)   0.12(4) 0.41(3) 0.24(3) 1.012 0.63 
hbir5.5no     0.06(1)       0.06(2)   0.18(4) 0.40(3) 0.30(3) 1.010 0.61 
hbir5.5Mn  0.056(4)     0.05(3) 0.11(3)   0.14(4) 0.42(3) 0.24(3) 1.014 0.45 
hbir5.5ox   0.03(2) 0.04(2)       0.12(2)   0.15(4) 0.43(3) 0.24(3) 1.011 0.50 
hbir5.5cit    0.11(1)    0.14(3) 0.06(3)   0.12(3) 0.37(3) 0.21(3) 1.011 0.46 
hbir5.5hba   0.073(4)       0.10(3) 0.13(3)   0.12(3) 0.40(3) 0.19(3) 1.013 0.44 
hbir7no   0.04(3)      0.04(3) 0.06(3)   0.17(3) 0.45(3) 0.26(3) 1.014 0.42 
hbir7Mn   0.047(4)    0.07(3) 0.08(3)   0.15(3) 0.44(3) 0.23(3) 1.014 0.44 
hbir7ox   0.046(4)    0.07(3) 0.06(3)   0.17(4) 0.43(3) 0.24(3) 1.015 0.47 
hbir7cit   0.064(4)    0.18(3) 0.10(3)   0.12(3) 0.37(3) 0.19(3) 1.014 0.40 
hbir7hba   0.02(1) 0.06(2)     0.20(2)     0.17(3) 0.36(3) 0.22(2) 1.013 0.35 
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